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ABSTRACT
The primary purpose of this investigation was to study, mainly
by spectral means, the effects of solvents of bis(acetylacetonato) oxo-
vanadium(IV), VO(aca)2 , in order to find evidence for hydrogen bonding
and to see if this, as well as evidence for sixth position coordination
and other secondary solvent effects, could be clearly identified. The
visible spectrum of V0(aca) 2 contains two prominent absorption bands. The
one which falls in the region 12.00-16.00 kK (1 kK 3 1000 cm is called
band I, and*the one in the lh.00-18.00 kK region is called band II. In
previous solvent effect studies, it was observed that band I red-shifted
and band II blue-shifted with an increase in the general polarity of the
solvent. The empirical parameter D , defined to be the separation be-
11, 1
tween the two bands in kK units sensitively recorded certain solvent trends.
In the present solvent effect study it was observed that in 
addition to the shift in the positions of the band maxima there is a de­
crease in the intensities of the absorption bands as the general polarity 
of the solvent increases. The trend observed was that band II decreased 
in intensity faster than band I. Band II, which is more intense in non­
polar solvents such as benzene, turns out to be less intense than band I 
in polar solvents such as pyridine and water. A new empirical parameter 
was defined to describe this observation and it is called Relative Ab­
sorbance (RA). Thus, RA is defined to be the absorbance of band I di­
vided by the absorbance of band II. For this work, O.83O mM solutions were 
used.
This new parameter is discussed and compared with the old para­
meter ^ • Both parameters are shown to reflect the general polarity of 
the solvent. Careful examination, however, seems to demonstrate that
vii
Dji £ is more sensitive to coordinating solvents, whereas RA is more sen­
sitive to H-bonding solvents. These empirical observations received 
additional support from studies of the effects of fourteen pure solvents 
on VO(aca)2 . Further investigations involved studying mixed solvents, 
in which both the position of the band maxima and the absorbance of each 
band were observed in solutions of varying mu.e fractions. Mixtures in­
cluded water in ethyl alcohol, methyl alcohol in benzene, acetonitrile 
in benzene, and acetic acid in benzene. Small amounts of methyl alcohol 
in benzene were found to lower the intensities of bands I and II in com­
parison to those of benzene solution. However, no change in the position 
of the band maxima was -observed. Equilibrium data indicated only about 
1$> of the VO(aca) 2 molecules are coordinated under the conditions studied 
here. This and other mixed solvent observations also seemed to indicate 
that the foregoing empirical observations are correct.
Other experiments were aimed at direct observation of H-bonding 
between VO(aca) 2 and selected H-bonding solvents. Accepted procedures 
for finding evidence of H-bonding were used; These included nuclear mag­
netic resonance (NMR) and infrared (IR) spectral analysis. The NMR signal 
of the hydroxyl proton of methyl alcohol was observed to shift downfield 
with increasing alcohol concentration, presumably the shift is due to H- 
bonding. Similar shifts could be observed by adding VO(aca) 2 and other 
P-diketone inorganic complexes which could form hydrogen bonds.
The increase in the intensity of the C-D stretching frequency in 
the IR spectra of chloroform-d solutions further indicated the ability of 
V0(aca) 2 to accept a proton in the form of a hydrogen bond.
viii
INTRODUCTION
A. Vanadyl Chemistry
Recent studies in the area of coordination chemistry include 
research on the mononuclear oxocation species M0^+ and M02 +^ . ^ ’^
Study of the metal-oxygen multiple bond in complex ions and in com­
pounds affords a means of learning more about the nature of covalent 
bonding between metal and non-metal ligands of other coordination com­
pounds. Due to the stability of the many complexes formed by the oxo- 
cations, complexes of various symmetries can be made, and thus a means 
of studying the effect of symmetry on the energy ldvels of the central 
metal ion is afforded.
The subject of a great deal of research is an oxocation of 
the above type, oxovanadium(lV), V O - j ^ e  theoretical and ex­
perimental study is particularly prompted by the great stability of 
this species and by the many stable complexes it forms with a variety 
of ligands.
Theoretical interpretation of the visible-ultraviolet spectra 
are aided by the relative simplicity of the VO2*- species, due to the 
fact that it is a d1 system. Of the many ligands used to study the 
oxovanadium(lV) species, acetylacetone and other |3-diketones have been 
popular c h o i c e s . ' A particularly heavily studied oxocation com­
plex is the bis-(acetylacetonato)oxovanadium(lV), VO(aca)2.
One of the more interesting studies from which prominent 
contributions have been made from these laboratories has been the ef­
fect of solvent on some of the physical properties of VO(aca)2. The
1
types of physical measurements used to study solvent effects on the 
oxovanadium(lV) species, and in particular VO(aca)2 , include electron 
spin resonance (ESR), nuclear magnetic resonance (NMR), infrared (IR), 
and optical (vis-UV)._ Pertinent contributions to the effect of sol­
vents on VO(aca) 2 will now be reviewed.
{*7 8 9)
The ESR studies ' ’ ' demonstrate that spectral data can be
used to predict the average g or (g) values by the relationship given 
by Ballhausen and G r a y ^ ^  but the validity of such a calculational 
approach, which depends upon knowing the correct optical band assignments, 
has been questioned by Selbin.^^ In any case, the experimental (g) 
values do not seem to be consistent with the small shifts in the ESR 
spectra with change in solvent that would be expected from the correspond­
ing solvent-induced changes in the visible spectra. This lack of corre­
lation, however, is most likely due to the fact that the experimental 
errors of the ESR measurements are of the same order of magnitude as 
the predicted shifts and the calculation of (g) values has been shown^^ 
to be quite insensitive to the optical data.
The IR region of the spectrum has been used to study the 
vanadium-vanadyl oxygen stretching frequencies v(V-O), which occur at 
960 * 50 cm-1^ ^  and their dependence on ligational effects. The 
strength of this multiple bond and the stretching frequency v(V-O) was 
presumed to be influenced by the amount of (pTT-dTf or dlt-dTt) bonding, 
which, in turn, was presumed to be sensitive to the strength of the CT 
bonding of the ligands. Several short ligand series were established 
analogous to (but in detail different from) the spectrochemical series.
3These IR data were found to be consistant with the Ballhausen and Gray 
( BG) energy level scheme for VO2-^  ^ , about which comment will be made 
later. It was also suggested that solvent effects should be similar to 
ligational effects.
( 12)
Selbin, Manning and Cessac' ' report that v(V-0) stretching 
frequencies for VO(aca ) 2  in acetonitrile, chloroform, carbon disul­
phide, acetone, nitrobenzene, benzene, and dimethyl formamide are 1 0 0 2 ,
1004, 1007, 1007, 1008, and 972 cm”1, respectively. This low value re­
ported for v(V-0) of 972 cm-1 in the case of dimethylforamamide was 
presumed to be due to the coordinating ability of dimethylformamide.
The simple mass effect on IR stretching frequencies can ex­
plain part of the frequency decrease. The authors cite the case in which 
the added mass of a coordinated pyridine molecule to V0(aca) 2 was found 
by calculation to lower the frequency from 995 to 9^9 cm”1 . Although 
adduct formation lowers the frequency, it does not explain the observed 
value of 964 cm"1. This lower value of the stretching frequency leads 
one to presume that the coordination of pyridine and other adducts weakens 
the vanadium-vanadyl oxygen bond in addition to introducing the mass effect 
and thus lowers the frequency more than that expected from a mass effect alone.
The observations made with coordinating solvents dissolved in chloro­
form with V0(aca) 2 were no shift or shifts of 23 t 1, or 48 3 cm“i. The
solvents producing the greater shift pyridine, ammonia, isobutylamine,
etc.) are known to be moderately strong protonic bases and generally coordi­
nate well with transition metal ions. The solvents that produce the inter- 
mediate shifts of 23 - 1 cm”1 are tetrahydrofuran, p-dioxane, aniline and
phenol. Thiourea, diethylether and other very weak ligands produced no 
shift even up to VO(aca)2~to-ligand mole ratios of 1 to 2 5 . Solvent
(-z.)
effects are indeed observable on the stretching frequency, but Selbin w /  
concludes that the stretching frequency is relatively insensitive to 
coordination and as such produces a minimum of interest.
The physical property that seems to yield the most informa­
tion about the interaction of the solute V0 (aca) 2  in various solvents
is the nature of the 10.00 to 2 5 .00 kK region of the optical spectrum.
(7) (9)Data of this sort was reported by Felthairr ', and Bernal and Reiger.
Their work was extended and elaborated on by Selbin and Ortolano.
These authors studied the shifts in the two visible d-d transitions 
which appear in the regions 12.00-15.00 kK and 14.00-18.00 kK. These 
bands were designated as band I and band II, respectively. The ob­
servation was made that band I red-shifted and band II blue-shifted as 
the general polarity of the solvent increased.
To understand the arguments presented, one must be aware of 
the shape of the V0(aca)2 molecule. Dodge, at _al.^^ have reported 
the X-ray diffraction analysis of the V0(aca)2 compound. The authors 
describe a nearly square pyramid with the vanadyl oxygen at the apex. 
The vanadium atom forms a plane with the two oxygens of each ligand and 
these planes thus formed are at an angle of I630 to each other. The 
vanadium to vanadyl oxygen bond length was found to be I .5 6 A and the 
vanadium to equatorial oxygen bond distances are reported to be very 
similar to each other at about I .9 6 A. The vanadium atom then is above 
the plane of the four ligand oxygens in the approximate center of mass
5of the molecule, leaving an open position trans to the vanadyl oxygen.
This trans position on the vanadium atom is referred to as the open 
sixth position.
The solvent study mentioned above assumed the solute was af­
fected either by coordination to the open sixth position or some general 
perturbation of the molecule by the solvent; these two effects were
called primary and secondary effects, respectively. Selbin and
(13)Ortolano' ■" assumed the primary effect to be the more prominent in 
modifying the spectra in the IO.OO-2 5.OO kK region.
The Ballhausen and Gray (BG) energy level scheme can be
used to explain how coordination to the open sixth position can modify 
the visible spectrum of VO(aca)2. The details of spectral changes of
VO(aca) 2 in terms of the BG scheme are discussed adequately by Ortolano^^
(1 6}
and Maus. A very brief outline only will be given here.
The vanadyl ion is a d1 system and thus the visible absorp­
tion spectrum should arise from a series of d-d transitions. The BG 
energy level scheme proposes that the ground state is formed by the lone
d electron in the d orbital; thus bands I and II are assumed to be
xy *
the d (d ,d ) and d -• d 2 2 transitions, respectively. These xy ' xz’ yz' xy x^y^ ’  ^ 3
assertions were supported by MO calculations on the species.
The electronic absorption spectra of a single crystal of V0S04,5H20 
with polarized light, reflectance spectra of powered V0S0 4*5H^0 and 
the spectra of a variety of vanadyl complexes in solution were found to 
be consistant with this thesis. The relationship between ESR and 
optical data seemed to further substantiate their theory.
6Solvent effects on VO(aca ) 2  have been shown to be consistent
with the BG energy level s c h e m e . ^ C o o r d i n a t i o n  of ligand
solvent molecules in the sixth position of VO(aca ) 2  could cause a
weakening of vanadium-vanadyl oxygen multiple bond, which in turn
should reduce the amount of pTf-dTt bonding. Negative charge is thus
removed from the d and d orbitals of the vanadium atom, which
xz yz
could account for the red-shift of band I with increasing strength of
the sixth ligand. Introducing negative charge on the z axis (by means
of coordination to the empty sixth position) has two possible effects
on the energy of the d x 2 _ ^ 2  orbital. The first effect would be that
of weakening the vanadium-ligand bond and thus lowering the energy of
the dx 2 _ ^ 2  orbital. The opposite effect is that of the raise in energy
of the d 2  2  orbital by greater interaction of ligands due to the
x -y
decrease in the vanadyl oxygen-vanadium-ligand oxygen bond angle. The 
second effect seems to be more prominent as a blue-shift of the d -*
xy
d 2  2  absorption is observed. In general then, the solvent dependence
x -y
study and these foregoing arguments further aupport the BG energy 
level scheme.
(14)
Table I, taken from Ortolano , shows the positions of the 
maxima of bands I and II given in kK, and they are designated as Vj and 
"v^ respectively.
(14) _
Ortolano' ' pointed out that neither Vj nor separately
give the expected ranking of the solvents. For example, note the values
given and the ranking order for and for p-dioxane, formic acid
and carbon tetrachloride in Table I. Thus, a new parameter, D , was
11,1
TABLE I
ORDERINGS OF SOLVENTS OBTAINED BY 
OPTICAL BANDS I AND II OF VO(aca ) 2  INDEPENDENTLY
VjCkK) vn (kK)
water 12.30 p-dioxane 17.85
dimethylsulfoxide 1 2 .8 5 water ' 1 7 .8 2
ethanol 1 2 .9 8 n-propylamine 17.48
pyridine 1 3 .0 0 acetic acid 17.48
methanol 13.03 methanol 17.45
dimethylformamide I3 .O3 pyridine 17.39
n-propylamine 13-17 piperidine 17.30
piperidine 1 3 .2 8 ethanol 17.24
formic acid 1 3 .2 8 dimethylsulfoxide 17.03
tetrahydrofuran 1 3 .6 6 dimethylformamide 16.97
acetic acid 13-79 benzene 16.89
p-dioxane 1 3 .8 3 carbon tetrachloride 1 6 .8 6
acetonitrile 14.20 toluene 1 6 .8 6
nitromethane 14.57 chloroform 1 6 .8 6
chloroform 14.92 nitromethane 1 6 .8 3
carbon disulfide 1 5 .0 8 acetonitrile 1 6 .8 0
m-xylene 1 5 .2 2 tetrahydrofuran 16 .8 0
benzene 15.31 m-xylene 16.72
toluene 15.31 carbon disulfide 1 6 .6 6
carbon tetrachloride 15.79 formic acid 1 6 .5 2
7
8devised to correlate both factors and obtain a measure of the spectral 
effects of solvents on VO(aca) 2 spectra. D can be defined as the
11 y 1
difference in the position of the maxima of bands I and II in kK; jL.e., 
(vn-vi). For example; for water,
DII I = lrT'Q2 kK " 12*30 kK = 5 .5 2 kK
(14)Table II' ' gives the D values for these same twenty
11 y 1
/ Q 1 y)
solvents. Walker' ’ ' used this same parameter to express the rela­
tive effects of pyridine and other amines on VO(aca) 2 in benzene and 
nitrobenzene solutions. M a u s ^ ^ ’^ ^  used this same parameter to des­
cribe analogous affects in the visible spectra of VO(hfa)2*H^O and 
VO(dpm) 2 (dpm = dipyvaloylmethane). Analogous results were obtained 
except in the relative values of D for VO(aca) 2 and VO(dpm) 2 in
11 y 1
(19)acetonitrile and nitromethane. In a recent paper the authors found 
it useful to relate the positions of bands II and III in a similar 
study, and the results were expressed in terms of an analogous empirical 
parameter DIII>ir
The solvent effects are most sensitively shown by the para­
meter D . Crystal field splitting (10 Dq or A)> according to the BG 
11 } 1
energy level scheme, is the same as the d -• d^2 ^ 2 transition energy 
or simply given as the position of the maximum of band II. Thus, ob­
serving 10 Dq values over the range of solvents examined by Ortolano^^
we see the small change of only 1.33 kK from 16.52 to 1 7.8 5 , while D
varies from 1.07 kK to 5*52 kK, a range of 4.4-5 kK. Thus, D is
11 , 1
nearly four times more sensitive than 10 Dq.
II,I
TABLE II
ORDERING OF SOLVENTS ACCORDING TO THE DIFFERENCE BETWEEN 
THE FIRST TWO OPTICAL BAND MAXIMA OF VO(aca)2 , 1
Solvent DII,l(kK>
water 5.52
methanol 4.42
pyridine 4-39
n-propylamine k.J>l
ethanol 4.26
dimethyl sulfoxide 4.18
p-dioxane 4 .0 3
piperidine 4.02
dimethyl formamide 3-94
acetic acid 3 .6 9
formic acid 3.25
tetrahydrofuran 3-15
acetonitrile 2 .6 0
nitromethane 2 .2 6
chloroform 1.94
carbon disulfide 1 .5 8
benzene 1 .5 8
toluene 1.55
m-xylene I .50
carbon tetrachloride 1 .0 7
9
10
B. Intensities
We can see that the empirical parameter has been suc­
cessful. However, the variation in the intensities of bands I and II 
were not studied nor was an effort made to rank the solvents empirically 
or to use intensities to study the structure or energy level scheme of 
V0(aca)2. Many papers^ 9 » ^ 5 ^ ^ r e p o r t i n g  solvent effects on 
V0(aca) 2 give the intensities, either as molar absorbtivities or by 
giving the spectra. In their interest in considering the theoretical
meaning of the positions of the absorption maxima and DT values,
11 , 1
they wholly ignore the information that might be obtained from an 
analysis of the intensity data, even though obvious trends appear.
(ON
Walker's work shows a clear reversal of the intensities of bands I 
and II of V0(aca) 2 where band II has the greater intensity in the non­
polar benzene and band I is the more intense one in methyl alcohol.
This effect has been observed in at least one other complex, demonstra-
(-t£\
ted by the spectra given by Maus. ' Band II of V0(dpm) 2 is again more 
intense in the non-polar solvent heptane and less intense than band I 
in the more polar solvent dimethylformamide. The data in all the eight 
papers mentioned above support these general trends. It would thus 
seem useful to further investigate the solvent effects on the intensities 
of the visible absorption bands of V0(aca)2.
C. Hydrogen Bonding (Trifurcated Bond)
H-bonding has not been emphasized in the field of inorganic 
coordination chemistry, and only a few of these reports indicate that 
there is a correlation between H-bonding and the visible spectra (i.e., d-d
transitions) of coordination compounds. Those papers that seem of 
interest to this solvent effect study of V0 (aca) 2  will be discussed 
below.
(20 )Fackler, et .al.J showed that chloroform, methyl alcohol 
and other H-bonding solvents affect the visible spectrum of tris- 
(2,6-dimethyl-5,5~heptanediono) manganese(III), 0Mn(DIBM)3 ]. One 
band near 8.2 kK showed a significant intensity decrease on changing 
the solvent to methyl alcohol from acetonitrile. The absorption band 
at 18.0 kK was red-shifted to 17*5 kK and also showed an intensity de­
crease with the same solvent change. Although the assignment of these 
bands seemed to be in dispute, the authors explained the intensity and 
band maxima changes simply by stating that they were due to modifica­
tion of the symmetry and energy of the molecule. Changes of intermedi­
ate intensity, and positions of the band maxima were observed for sol­
vents of intermediate H-bonding ability. Infrared measurements of the 
G-D stretching frequency of chloroform-d further confirmed that Mn(DIBM) 3 
could accept H-bonding. This was determined by observing the increase 
in intensity of the C-D stretching frequency. Since with chloroform 
there was no expectation of coordination to the Mn(DIBM) 3 molecules, it 
was assumed that H-bonding would be the only observable solvent-solute 
interaction.
The formation of solvates of Al(aca)3 , Fe(aca)3 , Cr(aca)3 ,
Sc(aca)3 , Ga(aca) 3 and In(aca) 3 in halomethanes such as chloroform and
(21)methylene chloride has been reported. ' Vapor pressure studies of 
these solvates yielded bond energies of 2 - 6 kcal per mole, which the 
authors assumed to be due to a bond formed between the hydrogen atom of
12
the halomethane and an oxygen atom on the ligands. The oxygen atoms of 
the ligands form an octahedron around the metal ion to which the halo­
methane can attach as follows: one hydrogen atom is centered above the
three oxygen atoms on one face of the octahedron, thus forming a tri­
furcated bond. However, the authors reported that no differences were
observed in the UV or IR spectra of Fe(aca)3 in H-bonding solvents.
(22)
Pauling' ' suggested a bifurcated H-bonding in glycine, 
where crystal structure measurements show one hydrogen from the amine
group is equidistant between two oxygen atoms.
(23)
Steinbach and Burns studied the vapor pressure diagrams 
of Fe(aca)3 , Cr(aca)3 , and Al(aca) 3 in CHC13 . They concluded that a 
definite solvate was formed composed of two molecules of chloroform 
and one molecule of either iron, aluminum or chromium acetylacetonate. 
X-ray analysis of the solvated and desolvated crystals yielded the in­
formation that the chloroform molecules were sandwiched in between 
layers of acetylacetonate crystals. The nature of the interaction (.i.e.., 
coordination or H-bonding) was discussed. The authors pointed out that 
coordination of chloroform seems unlikely as this would involve breaking 
some of the metal-ligand bonds„ Further, the UV spectra showed no 
effect due to changing the solvent from benzene, to chloroform, to 
ethyl alcohol, which indicates no direct solvent-metal interaction.
Interaction between the chlorine atom on chloroform and methy­
lene hydrogen atom on the acetylacetonate was ruled out since carbon 
tetrachloride does not form similar solvates. The heat of decomposition 
of the solvate was found to be I3 kcal. per mole, or roughly 6 kcal.
13
for the removal of each mole of chloroform. This data suggested a 
relatively weak H-bond, if it exists at all.
It was further pointed out that tetrahedral copper, zinc and 
cadmium acetylacetonates do not form crystalline solvates with chloro­
form. Also noted was the increase; in solubility of the octahedral over 
the tetrahedral acetylacetonates in chloroform. This indicated that 
the spacing of the oxygen atoms might be important to H-bonding (i,.e,. , 
tetrahedral bond angle 109°, octahedral bond angle « 90O )> and pos­
sibly then the interaction is between an hydrogen atom and three oxygen 
atoms on the face of the octahedron rather than specifically with one 
oxygen atom at random in the molecule. Thus a'trifurcated bond was 
suggested, where the chloroform molecules are bonded along the ends of
the three-fold axis of the octahedron.
(24)Pope, _et jal. reported the formation of thirteen rare- 
earth acetylacetonates, all of them hydrates presumably formed by H- 
bonding. Carbon-hydrogen analysis and molecular weight determinations 
showed some mono- and some tri-hydrates. The lighter rare-earth acetyl­
acetonates were the more likely to form the trihydrate, presumably due 
to their increased size. The trihydrates converted to the mono-hydrate 
by drying. However, none of the conventional methods of preparation or 
drying yielded an anhydrous rare-earth acetylacetonate.
A plot of the vapor-pressure as a function of temperature 
for the methanol-solvated erbium and dysprosium acetylacetonates was 
made. From the slope of the lines and the van't Hoff equation, the 
values of Ad were calculated for the reaction:
Er(aca)3 *H20*2CH3-0H -* Er(aca)3 ’H20 + 2CH30H
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AH of the above reaction was found to be J>0.6 kcal per mole. Allowing 
for the heat of vaporization of methyl alcohol they obtained a value 
for the bond energy of 6 . 6  kcal per mole of methyl alcohol released 
which indicated a relatively strong H-bond or a dipole-dipole inter­
action. The high solubility of these compounds in chlofororm was as­
sumed to be further evidence for H-bond formation, even though specific 
solvates could not be identified.
(2 5)
Ryan found that H-bonding in the actinide(Vl) tetrachloro 
complexes (e,._g., UC^Cl,^2") produces a distinct change in the metal- 
oxygen vibration relative to the spectra of ions which were not H- 
bonded. The IR spectrum of [(C3 H 7 )4 N ] 2 U0 2 C 1 4  has at least six series 
of symmetrical vibration peaks. The separation of these peaks within 
a given series is 712 ± 5 cm"1. In the infrared spectrum of 
[(C3 H 7 )4 N] 3 [H3 0 (H2 0 )3 (u0 2 C 1 4)2 ] six series again appear with separa­
tion of 715 ± 3 cm"1 , however a difference in intensity of two of 
these series is observed with very little difference in the other 
series. The asymmetric U-0 stretching frequency was found at 923 cm " 1  
for [(C3 H 7 ) 4 N] 2 U 0 2 C 1 4  and this asymmetric stretching frequency absorp­
tion band was broadened in [(C3 H 7 )4N] 3 *[H3 0(H 2 0) 3 (U02 C14)2 ] presumably 
by the H-bonding of water and hydronium ion.
Similar observations were observed when water was added to 
acetone and acetonitrile solutions of these ions like [(C3 H 2 )4 N] 2 U0 2 C14 . 
Analysis of these data did not allow Ryan to identify where the H-bonding 
was taking place in the molecule (_i.es. , to the U0 2  or Cl). The fact 
that no corresponding spectral evidence for H-bonding was identified in 
similar studies with U0 2 (N03 ) 3  ions seemed to indicate that the chlo­
rine is the H-bond acceptor.
Further s t u d i e s w e r e  carried out to observe the H-bonding 
in a system such as UC162 and UBrs2-. These ions were observed in non- 
aqueous solutions with and without the presence of H-bond donors. With 
the high symmetry of the UC162- ion, f-f electronic transitions are 
formally Laporte forbidden. H-bonding to the chloride atoms of the 
UC162- complex can be expected to distort the octahedral symmetry and 
thus relax the Laporte forbiddenness. The spectra of [(C2H5 )4N]2UC16 
in dry acetonitrile and in acetonitrile containing 0 . 3  M  water saturated 
with HC1 were observed. Increases in intensity were observed in the re­
gion where the electronic transitions are expected, (56O-7OO cm-1). Absorp­
tions centered at 59^ 1 which are completely absent in the petroleum
mull spectrum of solid Cs2UCl6 are observed. The spectrum of [(CH3 )4JS] 2 
UC1S in an inert solvent is essentially the same as the spectrum of solid 
Cs2UCl6 in all respects including the relative peak intensities. Other 
hydrogen donors had the same effect on the spectra as water and HC1 had 
in acetonitrile solutions. It was assumed that H-bonding through halide 
atoms may be quite common in complexes but that the previous paper did 
not give evidence which proved that H-bonding took place through the
oxygen atoms of the U02C142- ions.
(27)Baker and Haendler studied the infrared spectra of 
(NH4 )3U02F 5j (NH4 )3V0F 5, (NH4 )3NbOFs and (NH4 )3TaOFs and compared 
them with the spectra of the analogous potassium salts. They found
-j- p
evidence for H-bonding of the NH4 ion to the U02Fs ion. Since
their study involved the changes in the infrared spectra of the NH4+ 
r oft ftQ ^
ion , the H-bond acceptor (oxygen or fluorine atom) was not
designated. There is much less evidence for H-bonding in the case of the 
other ammonium salts. Since these other salts have only one oxygen atom, 
one might wonder if the negative results are in themselves some evidence 
for H-bonding to the oxygen atoms of the UO2F 53” ion.
H-bonding directly to the multiply-bonding oxygen of an oxo- 
cation was recently reported by Murman, ej: _ a l . ^ ’^  Their work in­
volved the protonation of oxorhenium complex compounds such as:
[Re(amine)40 2]+ , 
in which amine = pyridine, methyl amine
ethyl amine, propyl amine,
g ethylenediamine.
The protonation of these compounds takes place in two distinguishable
steps in strongly acidic solution. The maxima in the visible spectrum
of [Re(en)202]+ appear at M+0 , kQ6, and 6 l0 mp. in the case of the non-,
mono-, and diprotonated species, respectively. This shift to lower 
energies with increasing protonation suggests a decrease in the ligand 
field stabilization energy. The bond in the infrared region of the 
spectrum which is characteristic of the Re-0 stretching frequency in 
trans dioxo complexes (8 1 5-83O cm"1 ) is lost upon protonation and a band 
appears at 960-K)K) cm 1 which is characteristic of the Re-OH stretching 
frequency. Thus, we see that protonation (which can be considered an 
extreme case of H-bonding from the hydronium ion to the rhenium com­
plex) has had a large effect on the visible and infrared spectra of the 
comp lex.
(32)Lippard and Russ investigated the dioxo species K/1XM0O2 -
(CN)4]*6h20 and KiCWOgCCN).^•6h20. Both compounds behaved much the
same, so only the specific data for K 4[Mo02 (CN)4]•6h20 need be given.
X-ray analysis showed that the oxo ligands are trans and that the
metal atoms are in a center of inversion. The visible spectral changes
were also observed in the case of the protonated and non-protonated oxo
ligands. The transition thought to be d “* d 2 2 was observed to be0 xy x -y
red-shifted 2.15 kK on protonation of one oxo ligand. This is consistant 
with the thesis that protonation would reduce the pTT-dTT bonding between 
the oxygen and metal atoms. The intensity increases that were observed 
could be explained by further relaxation of the Laporte rule due to 
further lowering of the symmetry of the molecule.
Rivkind^"^ used nuclear magnetic resonance to study the 
ratio of Ti, "longitudinal", to T2 , "transverse" relaxation times of 
protons of water in aqueous solutions of 0.02 M VOSO4. The ratio 
Ti/T2 varied from 2.2 to 8l.5> principly as a function of hydronium ion 
concentration, whereas there was a Ti/T2 ratio of 2.2 in the case of pure 
water and 8 1.5 in that of 10 N nitric acid. The ratio Ti/T2 is a rough 
measure of the ability of the lone d electron of the vanadyl ion to 
interact with the protons of the water, presumably through H-bonding.
Thus we see that as the hydronium ion concentration increases, the pro­
tons in the water molecules more strongly form H-bonds and thus the 
Ti/T2 ratio increases. The author cited the weakly developed tendency 
to form covalent bonds with ligands in solution as one of the important 
features of vanadyl ions, and thus coordination of water could not account 
for the observed effects. Since the density of the unpaired electron of 
the vanadyl ion cannot be transferred to the protons of the water mole­
cules via the non-covalent bond, the ratio Ti/T2 is amall (2.2) in the 
case of non-acidified aqueous solutions.
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The effect of the weak oxalic acid was found to be unusually 
high (Ti/Ts was higher than expected for any one hydronium ion concen­
tration). It was argued that this was due to the coordinating ability 
of the oxalate ions. The coordination of the oxalate ions increased 
the energy of the d orbitals and thus released the lone electron to 
interact with the H-bonding hydronium ions. Similar effects (change of 
Ti/T2 ratios) could not be observed for other paramagnetic ions such as 
Ti(lll) (d1) or Cu(ll)(d9); the effect turned out to be typical only 
of vanadyl salts. This also seems to indicate that H-bonding to the 
vanadyl oxygen is the mechanism for interaction of the unpaired electron 
with the solvent.
(19)Boucher, Tynam and Yen' ' report H-bonding to the oxovana- 
dium(iv) complexes of (3-ketimines (quadridentates) of bis(acetylacetone) 
ethylenediimines, bis(benzoylacetone)ethylenediimine, bis(acetylacetone) 
1,2-propylenediimine and bis(benqoylacetone)-l,2-propylenediimine. The 
visible electronic spectra (IO.OO-2 5 .OO kK) were recorded for the above 
compounds in the solvents toluene, tetrahydrofuran, pyridine, chloro­
form and ethyl alcohol. This study observed the positions of bands II 
and III, (presumably) d ^  ■* d^2 yZ and d “* ^Zz transitions, respec­
tively. A parameter like D T T was used to express their observations.
IX) L
Their parameter was which they defined to be the difference in
the position of the band maxima of bands II and III in kK •
The ^  values for bis(acetylacetone)ethylenediimine oxovanadium(lV)
are 1.2, 1.2, 1.7> 1»9> 2.1 for toluene, tetrahydrofuran, pyridine, 
chloroform and ethyl alcohol, respectively.
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As can be seen above the greatest solvents effects were ob­
served for ethyl alcohol. The authors referred to data which shows 
that alcohols have poorer donor properties than pyridine and they 
argued that the increased solvents effects -j-j ethyl alcohol and
pyridine Dj-j-j jj) are due to H-bonding, presumably, to the vanadyl oxy­
gen. Also noted was the observation that chloroform had a greater 
effect than did pyridine, this again seemed to show that the H-bonding 
played a major role in their observations. Their data indicated 
strongly that a general dielectric constant and/or hydrogen-bonding 
effect seems to dominate the spectral properties of the (3-ketimines in 
various solvents. However, the work of Walker, Carin, and Ri e g e r ^ ^  
does not eliminate the possibility of a dielectric constant effect.
The ESR values for the nuclear hyperfine splitting constants were ob­
served to change steadily as pyridine was added to benzene, long after 
equilibrium studies indicated that virtually all of the VO(aca) 2
formed the pyridine adduct.
(ft 1*7^
Walker' ’ ' gave direct evidence for H-bonding to VO(aca) 2
in methyl alcohol. Methyl alcohol and hexamethylphosphoramide caused 
the largest spectral shift of all of the compounds observed, but the 
smallest enthalpies for the coordination reaction. The explanation 
for this extraordinary behavior of methyl alcohol was explained on the 
basis of H-bonding. A brief outline of the experiment that was run is 
as follows: a solution of VO(aca)2*pyridine, and 0.2 M methyl alcohol
in nitrobenzene showed a band I maximum at 12.93 kK ( e = 37»0)> which 
is a lower energy than for the pyridine adduct alone, I3 .OI kK, (e = 
35*6). The relative equilibrium constants for adduct formation
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(5 8.O and O . 5 5 f°r pyridine and methyl alcohol, respectively) show 
that the methyl alcohol should not replace the pyridine in the sixth 
position of the V0(aca) 2 molecule. Thus, it was assumed that the inter­
action was due to H-bonding since one would not expect to observe a 
large dielectric constant effect at this low concentration (0 . 2  M).
This, however, does not answer the whole question. Assuming 
that H-bonding is a suitable explanation for the spectral effects of 
methyl alcohol one is then still without an explanation for the analo­
gous behavior of the hexamethylphosphoramide. The author pointed out 
that additional arguments must be developed for the spectral effect of 
hexamethylphosphoramide or one must search for a new explanation that 
will explain the spectral properties of both compounds.
The papers just discussed all indicate the possibility of H- 
bonding to V0(aca)2. H-bonding has been identified to the equatorial 
ligand oxygen atoms (by infrared analysis of the solvents and solvate 
formation) in acetylacetonate complexes. The papers cited later indi­
cate the possibility of H-bonding to the vanadyl oxygen itself. If H- 
bonding can be established as taking place with the V0(aca) 2 molecule, 
the question arises as to where the hydrogen atom attaches; to the 
vanadyl oxygen and/or to the equatorial ligand oxygen atom. The papers 
cited previously also indicate the possibility of a trifurcated bond. 
This study will try to answer the following questions: Does V0(aca) 2
act as a Lewis base in H-bond formation? Which oxygen (vanadyl and/or 
ligand) accepts the hydrogen atom in H-bond formation? Does a trifur­
cated bond take place on one triangular face of the square pyramid of
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the VO(aca) 2 molecule? What relationship does this H-bonding have to 
the spectral properties (position of band maxima and/or intensities)?
In the process of studying VO(aca)2 , other acetylacetonates were studied 
in order to make comparisons. These included Mo02 (aca)2 , Th(aca)4> 
Al(aca)3 , Be(aca)2. These other compounds were studied mainly by means 
of NMR and IR and certain solubility studies.
EXPERIMENTAL
A. Optical Spectra
The solvent effects on VO(aca) 2 were studied in the 10.GO-
25.00 kK region of the spectrum by means of two instruments. The data 
obtained in the earlier part of the work was done by means of a Beckman DK 
recording spectrometer. Other data in the visible region were obtained 
with a Cary Model 14 spectrophotometer. The positions of the maxima of 
the absorption bands were all recorded with the Cary 14 because the linear 
wavelength readout made it easier to locate the maxima. The intensity 
data were obtained with both instruments and no differences between the 
results obtained from the two instruments could be observed, other than the 
expected experimental error.
The intensities of bands I and II of solutions made by adding
0.0110 g. of V0(aca) 2 to 50.0 ml of pure or mixed solvent to produce a 
solution of O.85O mM in concentration were observed and compared.. 10 cm 
cells were used. The V0(aca) 2 was ground in a mortar and pestle to in­
crease the ease of dissolution. It was hoped that the effects of many 
solvents which did not readily dissolve V0(aca) 2 could be compared by use 
of a low concentration and a long path length. Before each spectrum was 
obtained, the spectrum of the pure or mixed solvent was first obtained by 
putting the solvent in the sample as well as the reference beam so that 
any base line irregularities could be subtracted from the observed 
absorbance line.
It was observed that the V0(aca) 2 solution would decompose (oxi­
dize) on standing, especially in pure benzene solution, and produce a
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change in the intensities. This problem was minimized by two proce­
dures. First, the solvents were degassed with dry nitrogen gas to re­
move the dissolved oxygen. The second procedure was to make an approxi­
mate correction for the effect of decomposition by measuring the time 
between preparation of a solution and the time at which the absorption 
bands appeared on two closely spaced runs on the same solution, and 
assuming a linear decay. For instance, if a timer was started as the 
ground V0(aca) 2 was first added to the solution and band I was observed 
at 2 . 0 minutes with an absorbance of 0.48 and if the second run was 
made and band I appeared at 4.0 minutes with an absorbance of 0.46, the 
absorbance at time zero was assumed to be 0 .5 0.
As will be discussed later, the oxidation of V0(aca) 2 was 
found to be the most rapid in benzene. However, on addition of as 
little as 0.18 mole percent of a polar solvent such as methyl alcohol 
or acetic acid, the rate of oxidation was greatly decreased. Therefore, 
it can be assumed that the largest errors would involve data obtained 
for the solvent benzene. The errors that may be present, even for the 
benzene solution, should not be great enough to invalidate the con­
clusions made during this study.
A later innovation used to make solutions of the standard 
concentration, was to add 0.220 g of V0(aca) 2 to 100.0 ml of thoroughly 
degassed benzene. Five milliliter aliquots of this solution were trans­
ferred by use of a pippette to enough solvent to make 50*0 of solu­
tion. This procedure proved to be faster. The flask containing the
1 0 0 .0  ml of benzene solution and the volumetric flask, in which the 
standard solution was prepared, were flushed with dry nitrogen before
2b
and after each operation. The cell which contained the VO(aca) 2 
solution was also flushed with dry nitrogen. These procedures helped 
to reduce the oxidation still further. This later innovation of 
making one weighing of 0.220 g of V0(aca) 2 proved to increase the re­
producibility due to lowering the obvious possibility of much greater 
error in weighing exactly 0.0110 g of V0(aca)2. Making a run before 
and after a mixed solvent study ( < 2 . 5  hour total time) showed that the 
spectrum of V0(aca) 2 in benzene was reproducible.
A simple study to establish the volume loss due to mixing 
benzene with methyl alcohol, acetic acid, acetonitrile showed that 
there was no appreciable volume loss. Since the calculation of the 
exact mole percent of the mixed solvents was not critical it was as­
sumed there was no loss in volume on mixing solvents.
It might be useful at this time to make a statement concerning 
the use of the terms mole percent and mole ratio# The term mole per­
cent will be used to describe the composition of the mixed solvent. In 
designating the composition of the mixed solvent, the moles of solvent 
suspected of being more polar, coordinating and/or H-bonding will be 
divided by the total number of moles of solvent, regardless of the 
amount of inorganic complex present. For example, in a benzene-methyl 
alcohol mixed solvent study, pure benzene would be termed 0 .0 0$> methyl 
alcohol, and pure methyl alcohol would be termed 100$ methyl alcohol.
Mole ratios will be reserved to describe the relative number 
of moles of inorganic complex as compared to the solvent suspected of 
being the more polar, coordinating and/or H-bonding. A solution which
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is 0.01 M inorganic complex and 0.05 M methyl alcohol would be referred 
to as having a mole ratio of 1:5.
B. Nuclear Magnetic Resonance Spectra
The NMR study was made using a Varian A60A Spectrometer. The 
H-bonding of methyl alcohol was observed in benzene by the position of 
the signal of the hydroxyl proton. This was done in the mixed solvents 
of benzene and methyl alcohol of 1,2 and 5$ methyl alcohol. 0.11 g 
V0(aca)2 was added to 10 ml of the pure or mixed solvents. The mole 
ratios of the V0(aca)2 to methyl alcohol were 1:5, 1:10, and 1:15 in 
the 1, 2 and 3$ solutions, respectively. The other inorganic complexes 
were studied at the same molarity as the V0(aca)2 and thus had the same 
mole ratios at the respective mole percent methyl alcohol solutions.
C. Infrared Spectra
The IR data was obtained on a Beckman Model IR 10. The 
principle IR spectra were observed by use of a 0.025 mm Beckman NaCl 
cavity cell. The intensity of the C-D stretching frequency was observed 
in order to measure the extent of H-bonding between chloroform-d and 
the inorganic complex. This stretching frequency is found at about 
2285 cm-1. The concentration of the complex was greater than that in 
the optical study and thus the problem of oxidation was minimized.
The values obtained for the absorbances of the C-D stretching frequency 
were in the neighborhood of 0.206 A, and the values obtained for the 
solutions of the inorganic complexes ranged from 0.218 A  to 0.268 A. 
These small differences contributed, of course, to the error of ranking 
the complexes as to their relative H-bonding ability. Further error
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can be attributed to the instrument as the absorbance of the stretching 
frequency of pure chloroform-d varied from 0 . 1 9 7  to 0 . 2 0 6  before and 
after a run.
D. Solubility Studies
The solubility of pertinent inorganic complexes in various 
solvents was investigated. Excess amounts of the complexes were placed 
in a large test tube and periodically shaken over a period of at least 
three hours. The clear supernatant liquid was removed by use of a 
tuberlin syringe. The syringe was used to extract 1.00 ml of this 
solution and was used to put the solution into a previously weighed 
beaker. The beakers were placed on top of a drying oven (37°)» sol­
vent was allowed to evaporate leaving the solid. Then, by reweighing 
the beaker, the solubility in grams per ml was calculated by simple 
subtraction.
E. Reagents
Most organic solvents were of reagent grade and were used 
without further purification. The t-butyl alcohol was of technical 
grade (water content was found to be ^ 5$)• The water concentration 
seemed significant, and thus an independent determination of water 
content was made for all solvents used.
The water determination was made by using a Beckman GC 5 gas 
chromatograph with a 6-foot Porapak Type Q column. The samples were 
injected by use of a Hamilton microliter syringe. The percent of water 
represented by each peak size was determined by injecting samples of 
increasing known amounts of water (using water as an internal standard).
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In all cases tested the water content listed on the labels of the re­
agent grade solvents was in excess of the amount determined by gas 
chromatography.
The inorganic complexes were usually commercially obtained 
and purified by recrystallization. Carbon-hydrogen analyses were run 
in these laboratories by Mr. Ralph Seab, using a Coleman Carbon-Hydrogeri 
Analyzer Model 33*
V0(aca)2 was obtained from Varlacoid Chemical Co., and re­
crystallized from acetonitrile.
Theoretical _______________ Found_______________
1st 2nd 3rd 1-th
Carbon 1-5.8 15*1 15*° 15.2 15.1
Hydrogen 5 . 5 5 .I 5 . 6  5 .I 5 .I
M o 0 2 (aca)2 was obtained from Climax Molybdenum Co., and used 
without further purification.
Theoretical Found
Carbon 35* ^  3 6 .1
Hydrogen 1.1 1.1
Th(aca)4 was obtained from K and K  Laboratories, Inc., and 
was used without further purification.
Theoretical Found
Carbon 38*2 37*8
Hydrogen I . 5 1.6
Al(aca)3 was prepared by the method of Fernelius and Bryant'^' 
and was recrystallized from benzene.
Theoretical Found
Carbon 55*8 55
Hydrogen 6 . 5  6.7
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Be(aca) 2 was obtained in these laboratories and used 
without further purification or carbon-hydrogen analysis.
C uCaca^'H^ was obtained from Alfa Inorganics, Inc., and re­
crystallized from acetonitrile or benzene or chloroform, and all sol­
vents gave a product with about the same carbon-hydrogen analysis.
Theoretical    Found
Carbon 42.9
Hydrogen 5 . 7
45.6
5-2
44.3
5 A
45.9
5.0
RESULTS AND DISCUSSION
A. Relative Absorbance (RA)
1. Introduction-
As noted in the Introduction, in previous studies of the ef­
fects of solvents on the visible spectra of VO(aca)2, efforts were con­
centrated on the position of the maxima of bands I and II and the 
empirical parameter D ^  The general observation was that the more
polar solvents had larger D__ _ values. Figure 1, which is made up of
IX, 1
the spectra of VO(aca) 2 in benzene and methyl alcohol shows that the 
maximum positions of bands I and II are further apart in the polar sol­
vent methyl alcohol than in the non-polar benzene. One can also observe
the trend, that as D increases the intensities decrease. Further-
XX , 1
more, band II decreases faster than band I in such a manner that there 
is actually a reversal of intensities of the two bands. It should be 
noted that the absorbance scale on Figure 1 is not linear, and the 
lower absorbance values for the methyl alcohol curve appear higher due 
to the non-linear absorbance scale. Proper consideration of this point 
will indicate that the total area under the methyl alcohol curves is 
less than the total area under the benzene curves. As noted in the 
Introduction, the trend seems to be somewhat general for vanadyl com­
plexes. It is then tempting to formulate a parameter that describes 
this observation concerning the intensities of these bands, then to 
test such a parameter to see if it has any empirical or theoretical 
usefulness. This will be attempted here.
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FIGURE 1: Absorption Spectra of O.83O mM VO(aca) 2 in Benzene ------
Absorption Spectra of O.83O mM V0 (aca) 2  in Methyl Alcohol
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2. Definition of Relative Absorbance
It may be assumed that the parameter suggested here will, 
after further effort and studies of the author and others, be re­
placed by a more satisfactory parameter which is based more on funda­
mental principles, and as such will probably yield more information 
about solvent-solute interactions. However, as a first attempt, the 
author suggests the following parameter, termed Relative Absorbance (RA), 
which will be defined as the maximum absorbance of band I divided by 
the maximum absorbance of band II, in solution made of 0.0110 g of
V0(aca) 2 in 50 ml of solution (O.83O mM) measured in a 10 cm cell.
The position of the maxima and the height of an absorption band can be 
modified by other absorption bands near them. Mathematical corrections 
can be used to find the "true" absorbances, as will be discussed later.
It will be understood that the apparent absorbances of bands I and II
will be used in the present definition of RA.
Now, some of the factors which were considered in formulating 
the definition of RA will be discussed. Assuming that both bands obey 
Beer's Law, the question can be asked why did it seem necessary to de­
fine the concentration and cell path length? Figure 2 shows the re­
sults of a study of the correspondence of bands I and II to Beer's Law. 
V0(aca) 2 was also found to be in good agreement with Beer's Law in 
water solutions. Thus, it would seem that one should be able to 
randomly add some V0(aca) 2 in a solution and simply divide the absor­
bances of band I by band II. This is essentially what it done when 
data from other sources is compared to intensity data which was obtained
FIGURE 2 Beer's Law Study. Concentration of V0(aca)2 Plotted versus 
Absorbance of Bands I and II in Ethyl Alcohol.
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in this study. It should be remembered, however, that there are some
practical as well as theoretical limitations to making such comparisons.
/  \  *
Skoog and West discuss some of these problems, one of
which is the use of Beer's Law to describe the absorption behavior of 
solutions. In solutions which are too concentrated, the solute mole­
cules can interact and cause deviations from the linear relationship of 
concentration and absorbance, and possibly in this case selectively 
modify only the absorption of one band. Certainly in this study of the 
position of band maxima and intensity in relation to solvent effects, 
any solute-solute interaction would only introduce complicating factors.
Higher concentrations also affect the refractive index of the solution
(5(0and cause further problems. Skoog and West ' suggest an upper limit 
of .01 M for best results.
The measurement of absorption of light by instruments is 
also a source of error. These measurements can be expected to involve 
some absolute uncertainty. This error in apparent concentration (C) 
(t.e. , absorbance) can be expressed as AC where the relative error then 
would be AC/C. Thus, by the equation given by Skoog and West^"^,
AC = _0.JgjL AT 
C T log T
where T == Transmittance
AT = The experimental error in measuring T by
the spectrophotometer.
We see that the error is inversely proportional to T log T. It is seen 
that as I -• 1, log T — 0; and as T -* 0, log T -* Calculation shows
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that the minimum percent error is achieved where T = 0 .3 6 8 , or at an 
absorbance of Q.k$b. The choice that was made in concentration and in 
cell length in the definition RA places the absorbance of bands 1 and 
II squarely in the region of minimum experimental error. Conspicuous 
discrepancies were observed where the absorbance was allowed to go be­
low 0 .1 .
Furthermore, since some solvents have only limited ability to 
dissolve V0(aca)2 , employing the lowest possible concentration will en­
large the range of solvents that can be studied.
3 . Discussion of Relative Absorbance and D
11,1
RA, as will be seen later, seems to some extent to correlate 
the solvating properties of solvents for V0(aca)2. Therefore, it does 
seem appropriate to discuss some of its theoretical and experimental 
limitations.
Even if the parameter RA has no theoretical meaning, it is, of 
course, recognized that the separate intensity of each band is of funda­
mental interest. The fundamental factor of interest is the oscillator
strength (f). The oscillator strength is a measure of the allowedness
(*>7)or probability that a transition will take place. Ballhausenw  ' gives 
this by the expression:
f  = 4.32 x lO- 9 fe dv •J v
where v = Frequency, given in cm"1
= Molar absorbtivity at a frequency v.
Thus, the relative likelihood of the two transitions of interest-here 
taking place would be designated as f_/fT .^, When the absorption bands
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in question are far enough apart, Ballhausen further states, that the 
shape of the bands can be assumed to be Gaussian error curves and f can 
be written as:
f = 4.60 x 10_ 9 (e Vi) 
max g
where e = Molar absorbtivity at the maxima 
max
Vi = Width of the band in cm-1 where
e = i  e 
v max
However, the assumption that the bands I and II are not affected by 
each other or by band III or by the charge transfer band is not entirely 
true and therefore requires comment. Thus, it seems useful to digress 
into a discussion of these problems. It will be seen that RA values, 
and even ^ values are not free from the problems of bands modifying 
each other by reinforcement . The following discussion was suggested by
/■7Q\
Jaffe and Orchin. ' The line width of lines in atomic emission spectra 
depends predominantly on the resolving power of the monochrometer. 
However, in ultraviolet absorptions due to electronic transitions in 
molecules, the energy states are modified by vibrational and rotational 
energy. Broad bands are observed which are made up of many transition 
energies, which represent in general one electronic transition.
The small energy differences due to vibration and rotation 
reinforce one another to produce a broad band; similarly two broad 
electronic transitions can be observed to modify one another. Two 
absorption bands which are close enough to that the blue-tail of one 
overlaps with the red-tail of the other will appear taller due to the 
mutual reinforcement. The low energy band will appear to be blue- 
shifted and the high energy band will appear to be red-shifted from 
their true positions.
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This problem was studied by the assumption that the electronic 
absorption bands can be represented as normal Gaussian curves. The as­
sumptions and procedures used in this study only approximate real 
spectra, and the information obtained may only serve as a reminder 
that such difficulties exist. Nevertheless, they are of such interest 
and importance as to warrant their being included. A  Gaussian curve
was plotted where the abscissa was in energy units of kK, using data
(39)from the literaturew  ; then, by placing two such absorption curves, 
each with the same intensity, close together and by adding the absorp­
tions of the points where the two curves overlap, a composite curve can 
be obtained. This is illustrated in Figure 3» F°r reasons that will 
be clear later, the width at half height of a single curve was assumed 
to be 2.b kK. The distance between the true band maxima is 2.27 
and the apparent distance is 1.^7 kK. A series of such composite 
curves was obtained where the difference in the position of the true 
band maxima was varied in the range ^.00 kK - 1.92 kK. At 3-00 kK, the 
true and apparent position of band maxima coincide. At 1.92 kK, only a 
broad maximum appears. Figure it- shows a graph where the distance bet­
ween the true band maxima is plotted against the distance between the 
apparent band maxima. From this plot, it can be seen that as the dis­
tance between the resolved bands gets smaller, the data obtained from 
unresolved bands would become much less indicative of the energy dif­
ference between the two transitions. In the cases where bands I and 
II are close, ^ values from unresolved bands rapidly diverge from
the values obtained from resolved bands.
FIGURE 3: Composite of Two Gaussian Curves, Each Plotted Where the
Abscissa is in Energy Units kK, Separated by 2.27 kK- Each 
Curve with a Width at Half Height of 2.k kK.
Composite curve -------------
Individual curves -------------
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FIGURE 4 D tt t of Resolved Curves Plotted versus _ of Unresolved
■1~L,X ----------  II,I
Curves.
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It can be seen that discrepancies start to occur when the two 
bands are separated by more than their width at half height. In this 
case, the width at half height was 2.4 kK, and the distortion began at 
about 3*0 Another interesting point is that the significant dis­
tortions of the absorbance and the position of the maxima begins when 
the minimum is about 75$ °f the maxima. Further, it should be empha­
sized that the term resolved will be used to indicate curves or absorp­
tion bands for which the position of maxima and the peak height have 
been corrected for the effect of other curves or bands near it. This 
does not refer to the resolution of bands by better instrumentation.
In a simple model such as represented by Figure 3> RA. seems 
to  represent the true r e la t iv e  absorbance o f the reso lved  bands f a i r l y  
w e l l .  In Figure 3 we see the absorbance o f the reso lved  and the un­
resolved  bands to  be 0 .399  an  ^ 0.447> r e s p e c t iv e ly  for  a 16$ error.
In this trivial case, RA, of course, is equal to 1.0 for the resolved, 
and the unresolved curves.
Now in the situation where the absorbance of the resolved 
curves "I" and "II" are found to be 0.598 an<3 0.399 > the relative ab­
sorbance of the resolved bands would be 1.5* The absorbances of the 
unresolved curves in the case where the true maxima are 2.71 kK apart 
would be 0.620 and 0.425 for curves "I" and "II", respectively. The 
value of RA then would be 1.44. This represents an error of 3*9$ f°r 
RA as compared to the relative absorbance of the resolved curves, where 
the error of.the- apparent absorbance of curves "I" and "II" would be 
3-4 and 5 .7$, respectively. Thus, if the relative absorbance of these 
two curves has some meaning, it is then encouraging that the simple
kk
parameter RA does a fairly good job of reflecting it, even in the 
situation where the two curves are barely distinguishable. In this 
same case,  ^values for the resolved and unresolved curves are
2.71 kK and 2 . 3 8  kK, for an error of 12.3%. The  ^ and RA values 
get much poorer as bands of different heights come close together.
The case, of course, for the solvent effects on vanadyl com­
plexes is not this simple. It is reasonable to assume that not only 
will bands I and II reinforce one another, but also band III and the 
charge transfer band may affect the absorbances of bands I and II.
Here an intuitive look at Figure 1 indicates that probably the true 
absorbance of band II is affected far more than the position of the 
band maximum. It is feared that the absorbance of band II then, es­
pecially when it is small, has a major contribution from band III and 
the charge transfer band.
However, even with all of the problems due to reinforcement 
of neighboring bands, use of the position of the band maxima, and the 
height of unresolved curves, it is not an uncommon approximation.
The molar absorbance at the maximum and the absorbance of the standard 
solution (O.83O mM), and the intensities will be assumed to be roughly 
proportional to the theoretical probability of an electronic transition 
to take place (or to the oscillator strength). The terms "absorbance" 
and "intensity" will be used more or less interchangeably.
The errors in weighing are negligible when the weight of the 
VO(aca) 2 is in the neighborhood of 0.2 g. Thus, it was observed that 
the data had far less random points when the alternate procedure was
5^used. This was the procedure described in which 0.220 g. of V0(aca)2 
was put into 100.0 ml of solution, and 0.0110 g. was measured by re­
moving 5»0 solution using a pipette. Even allowing for the sub­
tracting out of an imperfect base line it can be expected that 
weighing and reading errors were less than 1-2C/L
In this general discussion of comparing the problems in ob­
taining the empirical parameters RA and D , further remarks should be
XX y X
addressed to a specific problem found in the l i t e r a t u r e ^ ^ O n e  ap­
parent discrepancy that is noted in reference (16) is the solvating 
ability of acetonitrile and nitromethane for the complexes V0(aca)2
and V0(dpm)2 , based on D values. It is noted that the V0(aca)2 ,
X I , X
values are 2.60 kK and 2.26 kK for acetonitrile and nitromethane, 
respectively, and the V0(dpm)2 , Dy values are 1.90 and 2.01 for
XX j X
acetonitrile and nitromethane, respectively. This appears to represent
a different ranking of these two solvents in relation to these complexes
and as such would be of chemical interest.
First, it would be wise to describe some of the problems in
obtaining wavelength and subsequent D values from actual spectra.
X X , X
In this discussion, Figure 5 will be of interest. The spectrum shown 
is of O.83O mM V0(aca) 2 in chloroform solution.
There are two distinct measurement problems in finding the 
position of the band maxima:
i. First, the position of the band maximum must be ascertained;
ii. Secondly, the scale must be read where 10 mp, is represented 
by two marks J-b mm apart. Use of a slower chart speed, where 10 mp, is 
then represented as about 10 mm, only adds to the problem of ascertaining 
the position of the band maximum.
FIGURE 5• Spectrum of O.83O mM VO(aca) 2 in Chloroform.
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Assuming that the above problems are at least partially
valid, and unless extraordinary precautions are taken, it would seem
that the maximum, but probable, error range would be about 1-2 mp,. In
Figure 5 we would then record 672 ± 1 mp, and 595 ± 1 mp, for bands I
and II, respectively. The position of the maxima of the bands I and
II in kK would then be calculated to be 14.90 or 14.85> and I6 . 8 5 or
16.77 kK, respectively. Extreme values of D__ T then can be calculated
11 , 1
as: 16.85 " 14.85 = 1-98. and 16.77 - 14.90 kK = 1.87 kK. Thus, it
seems that experimental values of D can be expected to have a
11,1
range of about 0.1 kK and therefore before the solution chemistry of 
V0(aca) 2 and V0 (dpm) 2 is further studied, it would seem that the prob­
lems of measuring the position of the band maxima should be strongly 
considered.
In general, it would seem that the DT T values should be
11,1
considered only to two significant figures, where it is realized that
the second significant figure is subject to some experimental error.
(19)Boucher, Tynan and Yen' ' seem to have recognized these problems when 
they recorded (without comment) their j-j values to only two signi­
ficant figures and their position of the band maxima to only three
significant figures. However, DTT T is still more sensitive than RA,
11 , 1
having a range of 1.07 to 5*52 kK, whereas RA goes from O . 9 6 to 2.92.
^ has the distinct advantage over RA in that the positions 
of the band maxima are relatively stationary during oxidation. This is, 
of course, not true for the absorbances of the bands. In solutions 
where oxidation has taken place, significant errors were observed for
the values of RA. It should be pointed out, however, that the RA 
values are much nearer the values obtained on the unoxidized sample 
than the individual intensities are to the original intensities.
The definition of RA does not suggest the individual inten­
sities of the bands. For example, if a O.83O mM solution of VO(aca) 2  
in solvent A had the absorbances of O.9O and 0.80 for bands I and II, 
respectively, and a O.83O mM solution of VO(aca) 2 in solvent B had 
absorbances of 0.^5 and O.kO for bands I and II, respectively, RA 
would be 1.12 in each case. RA would not have reflected the important 
fact that the transitions are twice as allowed in solvent A then in 
solvent B. There does seem to be a trend such that, as the average 
intensities go down, RA increases. This is due to the fact that band 
II decreases faster than band I as the solvents become more polar.
Thus, RA becomes greater than 1.0 as the intensities decrease. If 
this trend is found to hold in all cases, then the above example would 
be invalid, and RA would reflect intensities by the nature of the sys­
tems involved, but not by a direct mathematical relationship.
4. Relative Absorbance and D Values of Thirteen Solvents.
" XX,1 ——
The empirical parameter RA does seem to describe something 
about the solvent-solute interaction of V0(aca) 2 in solution. The 
strongest arguments are based on data relating RA to recognized solvent 
properties. Figure 6 will be of interest, for in it the parameter RA 
is plotted versus the parameter D__. for V0(aca) 2 in various solvents.
X I 51
(13 17 3 3 )
Previous studies concerning the effects of solvents.
on V0(aca) 2 have mentioned three effects of solvents on V0(aca)2 ,
FIGURE 6: RA Plotted versus ^ for Fourteen Solvents:
1 . Water 8 . Pyridine
2 . Methyl Alcohol 9. 2-Picoline
3- Ethyl Alcohol 1 0. 2,6-Lutidine
k. n-Propyl alcohol 1 1. Acetic Acid
5- Isopropyl Alcohol 1 2. Acetonitrile
6 . n-Butyl Alcohol 13- Benzene
7. t-Butyl Alcohol ■U. Chloroform
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(primary, secondary and H-bonding effects). It will suffice at this 
time to simply state that there are two main solvent-solute interactions 
which will be used to explain the observations made in this work; these 
are the primary solvent effect (solvation or ligation to an open co­
ordination position), and H-bonding. The theory concerning these in­
teractions will be discussed in some detail later.
Two things should be noted first about Figure 6 . 50*0 °f
water and t-butyl alcohol did not fully dissolve 0 . 0 1 1 0 g of V0 (aca)2 »
however, the values for D_T and RA for these solutions still allow
_ li , 1
them to be placed on the curve. This supports the idea presented pre-
vLously that RA and DT_ T are fairly independent of concentration in at
1 J. , 1
least dilute solutions.
The second point is that the absorbance of bands I and II, 
from which RA was calculated, in acetonitrile and acetic acid was ob­
tained by extrapolating the absorbance of the bands to 100$ acetoni­
trile and acetic acid in the mixed solvent studies.with benzene. The 
position of the band maxima, and consequently ^ , was obtained in a 
similar manner. This seemed like a reasonable procedure since the 
absorbances and the positions of the maxima of the bands were linear 
and insensitive to further addition of the more polar solvent in the 
60-90 mole percent region. (See Figures 13 and 14.) The assumption 
that there will be no further large effects by the removal of the re­
maining small amounts of the inert solvent benzene seems reasonable.
It can be seen that the curve on Figure 6 consists of two 
fairly straight lines. A reasonable guess might be that the upper
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portion, where RA increases rapidly, could be due to the H-bonding as 
well as the coordinating ability of the solvents. The lower portion 
consists of solvents that interact weakly or only coordinate to the 
VO(aca)2. This seems reasonable, due to the position of pyridine 
(point number 8 ) which seems to be an extension of the lower portion 
of the curve. Pyridine is known to be a strong ligand and to have no 
H-bonding ability.
The low D of 2-picoline and 2,6-lutidine suggests that
XX y X
the ortho-methyl groups lower the interaction of the nitrogen atom with
VO(aca) 2 molecule by steric hindrance. Similar trends are noted in the
(8")
heat of adduct formation. ' The fact that the RA value for 2,6-
lutidine is higher than for 2-picoline (1 .0 3 and 0 . 9 5  > respectively)
might weaken this argument, except that one may explain them on the
basis of experimental error and/or some other small factors. However,
the same, but even stronger, trend is noted in D values, which are
X X , X
if. 0 6 and 1.99 > respectively. There seems to be no satisfactory answer
as to why the more hindered 2 ,6-lutidine should exhibit the stronger
interaction. The general observation that the ortho-methyl groups
lower the pyridine nitrogens ability to coordinate still seems to be a
reasonable explanation for the generally lower values of D and RA,
X X , X
of 2-picoline and 2 ,6-lutidine.
The position of water and methyl alcohol (points numbers 1 and 
2 in Figure 6 ), which reflect high RA values, seem to show that H-bonding 
tends to raise RA values. This high H-bonding ability and low coordinat­
ing ability of acetic acid could explain the fact that its position is
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to the right side of the line. Band II in acetic acid appears as a 
strong shoulder, and therefore may be much lower in intensity than it 
appears; thus, the true RA value may be much higher. The position of 
acetonitrile, which has a low RA value like benzene, but a significantly 
higher seems to be in keeping with acetonitrile's ability to co­
ordinate but not to take part in H-bonding.
As the heavier alcohols are considered in a homologous series, 
the coordinating and H-bonding ability of these alcohols could be ex­
pected to decrease with subsequent lowering of D and RA values.
XX , X
The portion of the curve which connects the alcohols is of special 
interest since this correspondence seems to exist between water and 
methyl, ethyl, n-propyl, isopropyl and n-butyl alcohol. Dielectric 
constant and steric effects would tend to cause the expectation that 
water, methyl and ethyl alcohol would be more reactive, in the order 
shown, than the other alcohols. The position of n-propyl, isopropyl 
and n-butyl alcohol should be considered to be essentially the same.
Any further speculation based on these data concerning their relative 
chemical behavior, beyond stating that they are nearly the same, would 
not be warranted due to the possibility of experimental error.
Mixed solvent studies (jL..e. , benzene with acetonitrile and 
acetic acid; and ethyl alcohol with water) give a series of points 
which connect the pure solvents. Straight lines were observed within 
experimental error. The mixed solvent study of benzene versus methyl 
alcohol seemed to reproduce the entire curve rather than a straight line 
between benzene and methyl alcohol. Discussion of this interesting 
point will be left until the more general discussion of this mixed sol­
vent system.
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At first glance it might be tempting to assume that the high
D and RA values of water and methyl alcohol are due to their high
i.1 )
dielectric constants, 80.0 and 35*1> respectively. However, the low
j and RA values of acetonitrile do not similarly reflect its high
dielectric constant of 3 8 *8 . There are several obvious correlations
between the dielectric constant and D and RA. However, in general,
, 1
it would seem reasonable that the H-bonding and coordinating ability are 
enhanced by a high dielectric constant. Thus, the correlation is not 
unexpected. It should not be assumed that the dielectric effect (a sec­
ondary effect) can be ignored, but it seems to be of only minor impor­
tance as compared to the primary and H-bonding effects.
5. Relative Absorbance and ^ _in the Ethyl Alcohol and Water 
Mixed Solvent S tudy.
Plotting RA versus mole percent in mixed solvent studies also
seems to demonstrate some significance of the parameter RA. Figure 7
shows a smooth curve connecting the RA value of ethyl alcohol to the
RA value for water.
D and RA values both seem to suggest that water has a 
11 > 1
greater interaction with V0(aca) 2 than does ethyl alcohol. However, it 
is observed that there is no sudden rise of RA values when small amounts 
of water are added to the ethyl alcohol solution. Previous arguments 
seem to indicate that RA is quite sensitive to H-bonding. The question 
arises as to why the increased H-bonding strength of water is not more
FIGURE 7: RA Plotted versus Mole Percent Water in Ethvl Alcohol . - o -
Djj. ^ Plotted versus Mole Percent Water in Ethyl Alcohol— j |—
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evident in the O-5O mole percent region? Characteristic of H-bonding
(40)
is a series of very short-lived interactions 1 with no long-lasting 
bond formations. Thus, the VO(aca) 2 molecules could be expected to 
H-bond to water and ethyl alcohol in proportion to the mole percent of 
each solvent present. However, in dilute water solutions, the water 
molecules H-bond primarily to the ethyl alcohol molecules and this cer­
tainly would retard their H-bonding to the VO(aca)2. The relationship 
between RA and mole percent water, and the foregoing arguments could be 
assumed to be consistent with the suggestion that RA reflect the H- 
bonding effects of a solvent toward VO(aca)2.
The plot of D versus mole fraction of water in ethyl
Xl. 9 *•
alcohol, shown in Figure "J, is a smooth curve. The data in previous 
(14)
work ' where ^ was plotted versus mole percent of water in ethyl 
alcohol was quite similar, except for the -j- value for 90.8 mole 
percent water. This value was 5*55 kK, which indicated a sharp dis­
continuity at this point. The data reported in Figure J does not sup­
port this apparent discontinuity. The previous author suggested the
possibility of experimental error. A D value of 5*30 kK would
il , I
produce a smooth curve through this point. The apparent error then is 
only 0 . 2 5  kK, which would be roughly in line with the discussion of 
possible experimental error given earlier, and therefore, experimental 
error seems to be a satisfactory explanation for the previously reported 
discontinuity.
The ^ versus mole percent water curve raises the question 
as to why the main effect comes in the 50-100i° region. If water is the
59
stronger coordinating solvent, then why doesn't the effect appear in 
the region of O-5O$? It could be assumed that the coordinating capa­
city of water is partially hindered by H-bonding with the ethyl alcohol, 
and thus it could be expected that the water molecules could not freely 
coordinate with VO(aca) 2 molecules until they predominate in solution.
It is assumed that the strongest effect on ^ is due to coordina­
tion, and therefore, we could expect, and we observe D to rise more
X X ,X
steeply in the 50“100$> region where the water molecules are free to 
coordinate.
It is believed that the foregoing data and discussion sup­
port the suggestion that RA does have some physical significance. RA 
increases as the polarity of a solvent increases. This point seems to 
have been established fairly well. RA was found to be sensitive to co­
ordination to the open sixth position of the V0(aca) 2 molecule and to 
H-bonding, presumably via the vanadyl oxygen. Comparing the two 
empirical parameters seems to indicate that RA is more sensitive to H-
bonding effects, whereas the parameter DTT is more sensitive to sixth
X X , X
position coordination effects.
B. Benzene and Alcohol Mixed Solvent Studies
1. Introduction and Data.
The parameter RA is interesting and it seems to have some ex­
perimental value. If it could be assumed that RA would relate some in­
formation concerning the intensities of the d-d transitions of V0(aca) 2 
in various solvents, it would then obviously be of more theoretical 
interest. It seems useful then to examine the individual intensities
60
in more detail. This will be done in the consideration of the mixed 
solvent study of benzene and methyl alcohol. The system of methyl 
alcohol and benzene is of more interest than that of ethyl alcohol and 
water. Bands of pure ethyl alcohol and pure water are so close toget­
her that the formation of a new band I could not be recognized when 
water was added to the ethyl alcohol solution of V0(aca)2 . Further­
more, and even more important, is the fact that both ethanol and water 
can form H-bonds but in the methanol-benzene system only the methanol 
can form H-bonds. Band I in methyl alcohol is located 2.28 kK from 
band I in benzene, and thus the new band can easily be observed as 
methyl alcohol is added to benzene.
Figure 8 shows the data obtained in the mixed solvent study 
of benzene and methyl alcohol; here the absorbances of bands I and II 
are plotted versus the mole fraction of methyl alcohol in benzene. 
Examination df the graph suggests that there are at least three distinct 
regions; these will be labeled A, B and C, reading from left to right 
in the Figure. A steep decline of the absorbances is noted in region;
A (0-2.5 mole percent methyl alcohol). Careful inspection will show 
that both bands (i and II) decrease in intensity with band II de­
creasing at a greater rate such that, at 0.18 mole percent methyl 
alcohol, both bands have the same absorbance (RA 1). Then both 
bands slightly decline further in absorbance between 0.18 and 2 . 5  mole 
percent methyl alcohol. In region B (2.5-15 mole percent methyl 
alcohol), a deceleration of the rate of decrease in the absorbances is 
observed. Band II again decreases faster, such that the absorbances
FIGURE 8 : Absorbances of Bands I and II in 0.8J0 mM V0 (aca) 2 Plotted 
versus Mole Percent of Methyl Alcohol in Benzene.
Band I 
Band II
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of the two bands diverge. In region C (I5-IOO mole percent methyl 
alcohol) band II continues to decrease; however, band I increases 
giving an RA value of 2.02 for V0(aca) 2 in methyl alcohol.
Figure 9 shows similar data for the benzene and ethyl alcohol 
mixed solvent study. Clearly again, regions A, B and C may be identi­
fied. Similar mixed solvent studies of benzene with n-propyl and 
isopropyl alcohols gave the same general pattern. However, in these 
cases the graphs seemed to have lost the straight lines and sharp 
break features. One other point of interest to be considered later is 
the observation that band I of n-propyl and isopropyl alcohol does not 
seem to go through a minimum of the kind observed in Figures 8 and 9* 
The sharp features observed in Figure 8 make it more interesting. Any 
conclusions that can be drawn from the benzene and methyl alcohol mixed 
solvent study can probably be roughly applied to the mixed solvent 
studies of benzene with the higher alcohols. So, the following discus­
sion will be concerned primarily with Figure 8 . In order to under­
stand these data, at least some qualitative theory concerning inten­
sities must be reviewed.
2. Theoretical Background
The following discussion is based on material found in 
Ballhausen^^ and D r a g o ^ ^  The V0(aca) 2 is a d1 system, thus the 
d-d transitions are spin allowed. We will then have to investigate 
the ideas associated with Laporte's selection rules in order to under­
stand the changes in intensities of bands I and II in various solvents. 
The principles that will be used are summarized below:
FIGURE 9 Absorbances of Bands I and II in O.83O mM V0 (aca) 2  Plotted 
versus Mole Percent of Ethyl Alcohol in Benzene.
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i. In a symmetrical octahedral complex the d-d transitions are 
Laporte forbidden. The VO(aca) 2 molecule with an attached solvent 
molecule can be assumed to be a distorted octahedron. Therefore, this 
study of intensity changes will be a discussion of the relaxation of 
the Laporte rule.
ii. In order to have an electric dipole d-d transition in an 
octahedral molecule, one important mechanism is to introduce p-character 
somehow into the d orbitals. This can be accomplished by distortion
of an octahedral molecule due to its vibrations. This is part of the
source of the absorption due to d-d electronic transitions of all octa­
hedral molecules. Of interest here, however, is the static dissymmetry 
of permanently distorted molecules. The increased intensity of the d-d 
electronic transitions of £is_-[Co(NH3) 4X2]+ as compared to trans- [~Co- 
(NH2 )4X2]+ is an example of the intensity increase due to static dis­
symmetry. Furthermore, it is well-known that tetrahedral molecules 
show greater band intensities than octahedral molecules since the former 
do not possess a center of symmetry (or inversion center) as do the latter.
iii. The Laporte rule is further relaxed by the introduction of 
p-character into d orbitals by covalent bonding. This is clearly ex­
hibited, for example, by the relatively intense d-d transitions in such 
tetrahedral complexes as C o C l ^  and CuCl^2” . The intensities of these 
complexes are greater than would be estimated from other mechanisms; 
thus, the p-character introduced by covalent bonding is assumed to be 
the source of this intensity. This principle has been used to estimate
the degree of covalency in these molecules.
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The crystal structure determination of VO(aca)2^ ^  showed 
the molecule to possess symmetry. The vanadium-vanadyl oxygen and
the vanadium-ligand oxygen bond distances were found to be 1 . 5 9 and 
1.97 ± 0.01 A, respectively. The vanadyl oxygen-vanadihm-ligand 
oxygen bond angle was found to be 106°. It can be seen that the vana­
dium atom actually lies above the plane of the four ligand oxygens.
It is obvious that this molecule is far from being a symmetrical octa­
hedron. Also, of interest is the vanadyl oxygen atom which is pictured
to form TT-bonds (pTT-dTf) to the d and d orbitals of the vanadium
' xz yz
atom.
The information and principles given above will be used to 
explain the intensity changes observed in this work. The ideas that 
will be used are summarized below:
i. The V0(aca) 2 molecule is known to be unsymmetrical in the 
solid state and is assumed to be relatively the same in the inert sol­
vent benzene and other non-polar solvents. H-bonding to the vanadyl 
oxygen atoms should weaken the vanadyl oxygen vanadium bond, and thereby 
increase the length of this bond. Weakening of this bond by H-bonding 
should, in turn, strengthen and shorten the vanadium-ligand oxygen 
bonds. These efforts would tend to make the molecule more symmetrical 
and thus a decrease in the intensity of d-d electronic transitions of 
the H-bonded V0(aca) 2 could be expected. Coordination to the open 
sixth position would also weaken and lengthen the vanadyl oxygen 
vanadium atom bonds. Coordination of the solvent to the open sixth 
position could also be expected to weaken the vanadium-ligand bonds.
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However, the vanadyl oxygen-vanadium-ligand band angle could be expected
to decrease. This is expected due to the rise in energy of band II as
(13)the nature of the solvent becomes more coordinating. The presence
of the polar atom in the open sixth position would further add to the 
symmetry and could be expected to lower the intensity of the d-d elec­
tronic transitions.
ii. Weakening of the vanadyl oxygen-vanadium atom bond would also
lower the pTT-dTt bonding and remove p-character from the d ,d orbi-
xz yz
tals and could also be expected to decrease these intensities.
Both of the above arguments are qualitative, and there is no 
attempt to theoretically estimate their relative effects on intensity. 
Nor is there an attempt to theoretically estimate the relative effects 
of H-bonding and coordination. The assumption that both effects do 
lower intensity does seem reasonable and in keeping with experimental 
evidence presented here.
3 . Discussion of Region A jLn the Benzene-Methyl Alcohol Mixed 
Solvent Study.
Much of the data presented in Figure 8 can be explained using 
the above qualitative theory. H-bonding and coordination to the open 
sixth position could account for the lowering of intensities observed 
in regions A and B, and the lowering of intensity of band II in region 
C. However, the rise of intensity of band I observed in region C in­
dicates that the whole graph needs more careful scrutiny. The first 
thought may be that each region represents a different solvent-solute 
interaction. It will now be shown that region A is primarily due to H- 
bonding, and regions B and C are due to coordination.
69
Figure 10 shows the spectrum of O.83O V0(&ca)2 in benzene
and the spectrum in 0.18 mole percent methyl alcohol. The second spec­
trum is that of the solution at the bottom of steep decline in region 
A of Figure 8 . The absorbance decreased from 0.1+88 to O.365, and 
O.5O6 to O . 3 6 8 for bands I and II, respectively. There is little 
doubt that in the most theoretical sense the intensities are lower, 
due to the fact that the whole curve of the 0.18 mole percent methyl 
alcohol is under the curve for the pure benzene solution. There is 
little change from this point to the end of region A, although a 
small decline in both absorbances is observed. Intuitively, it seems 
reasonable that the absorbing species has changed. The first thought 
would be that coordination of the methanol has taken place. This 
seems unlikely on the basis that the position of the band maxima are 
the same in both solutions. Another possibility is that there is a 
secondary effect-, for example, a general dielectric constant effect, 
on the solution. This seems unlikely on the basis of the low methyl 
alcohol concentration. However, it does seem possible that H-bonding 
of methyl alcohol to the V0 (aca) 2 might be the cause of these lower 
intensities. Arguments presented earlier (regarding RA) indicated 
that H-bonding would affect the intensities. This also would be con­
sistent with these earlier arguments which indicated that coordination 
should be accompanied by a change in ^ , something which has not oc­
curred. Thus, it is of great interest to ascertain which effect has 
caused this lowering of intensities. If, indeed, H-bonding causes this 
effect, then the dependence of RA on H-bonding would be fairly well 
established.
FIGURE 10: Absorption Spectrum of O.83O mM. V0(aca) 2 in Benzene —
Absorption Spectrum of O.83O mM. V0(aca) 2 in 0.18 Mole
Percent Methyl Alcohol in Benzene —  —  —  —  —
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(Q\
Equilibrium studies carried out by Walker' ' are of great 
interest in this connection. The equilibrium constant for adduct for­
mation was reported by Walker for the reaction given below.
CH3OH + VO(aca) 2 - V0(aca)2 •CH3OH
K -  CV°(aca)g.CH3OH]
[VO(aca) 2] [GH3OH]
Unfortunately, the equilibrium constant given is for the re­
action in the solvent nitrobenzene. However, it was assumed that the 
equilibrium constant in benzene would be about the same. The data 
given below compares the equilibrium constants of some adduct forma­
tions in benzene and nitrobenzene at about 25° C.
The data reported in benzene solution was taken from spectral 
measurements, and that reported for nitrobenzene solutions was obtained
from thermodynamic studies.
Benzene Nitrobenzene
Pyridine 56 ± 5 5 8.0 ± 4
Piperdine 1400 ± 300 1000 ± 200
Pyrrolidine 2900 ± 1000 ^1000
2-Methylpiperidine I3 ± 2 19.2 ± 4.0
Dibutylamine 22 ± 7 12 ± $
Diethylamine 14 ± 4 10 ± 5
Methyl Alcohol   O . 5 5 ± 0 .I5
The data given above indicates that the difference in equili­
brium constants is at most a factor of four, where benzene solutions 
would exhibit the higher equilibrium constant (,e.£., pyrrolidine in ben­
zene 2900 ± 1 0 0 0; in nitrobenzene ^ 1 0 0 0).
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Since the heat of reaction would include some contribution 
from H-bonding, it can be further assumed that this would tend to 
lower the equilibrium constant for adduct formation obtained from
/ Q\
thermodynamic studies. ESR data given in the same reference^ ' indi­
cated that the same equilibrium constant in benzene solution is 0 .5 2 3> 
when the alcohol to VO(aca) 2 mole ratio is 8 ll+. The equilibrium con­
stant when the mole ratio is 129 was found to be O.6 5 8. It would ap­
pear from these combined data that for these purposes the value of 
O . 5 5 can be accepted.
A simple calculation of the concentration of the V0(aca) 2  
which has formed the adduct in 0.18 mole percent solution (1 ml of 
CH3OH per liter of solution, 0.021)4 M ) , is given by:
0 , 5 5  = (0 .0 00 8 3 0-x)(0 .0 2 1 4-x)
X = adduct concentration 
X is sufficiently small that it can be ignored as compared to the CH3OH 
concentration; thus, the equation becomes
(0.55)(0.021A) - o . o m  = 0-00gay).x
Then the molarity of adduct formed can be shown to be 0.012 mM. The 
percent of adduct formed would then be given as
X 100 = 1.3256
The calculation thus indicates that at the bottom of the steep 
curve at 0.18 mole percent methyl alcohol on Figure 8 , only 1.32$ of the
lb
VO(aca) 2 has formed the adduct. It should be noted that in these con­
centration ranges, activities were ignored. This seemed reasonable to
(8)
do here as the author ' also made this assumption on the basis of the 
low concentrations used.
At the point of 0.18 mole percent methyl alcohol, the spec­
trum has changed a great deal, absorbances have gone from 0 .1+88 to
O.3 6 5 , and O.5O6 to O . 3 6 8 for bands I and II, respectively. No de­
tectable change in the position of band maxima is observed. The equili- 
bruim arguments indicate that essentially very little adduct is formed 
(1.32$). Therefore, it seems reasonable to assume that H-bonding has 
taken place and has caused this large decrease in intensity of bands I 
and II.
In this case it can be seen that the intensities have been
indicative of the reaction (H-bond formation) that has taken place in
which the position of the band maxima were unchanged. The data pre- 
(1+2 )
sented by Gutmann' further shows the inability of the parameter 
D jj. to strongly reflect the H-bonding properties of a solvent. The 
Donar Number (©Ng^^ ) Is defined to be minus the heat of dissolution 
of antimony(v) chloride. DN„, then was assumed to be a measure of
b Dulg
coordinating ability of a solvent. DN , , was observed to vary
DDCsi.15
linearily with DTT T for a series of solvents. However, DNou . values 
11} 1- obClg
were proportionally higher than DTT _ for H-bonding solvents. It
11 > 1
could not be assumed that ^ values do not reflect H-bonding to 
V0(aca) 2 but rather simply that they are insensitive. Therefore, we 
see that the parameter ^ was unable to detect the H-bond formation.
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It seems then that the conclusions drawn before, _i.e,., the dependence
of D _ and RA on coordination and H-bonding, respectively, are worth 
X I , 1
further consideration.
^ has not changed, but the small change in RA of 0.97 to 
1 . 0 does not seem to properly reflect the dramatic change in the inten­
sities. If significance were attributed to RA values to the third 
decimal place, such as O.9 6I or 0.984, then greater sensitivity would 
be obtained; however, the experimental error involved here certainly 
would not warrant such consideration.
4. Discussion of Band _I in Regions JJ and £  _in the Benzene-Methyl 
Alcohol Mixed Solvent Study.
The curve in Figure 8 continues from 0.18 to 2.5 mole percent 
with little change; only a small decrease in intensity is noted. At 
the end of region A, equilibrium calculations once again indicate that 
only about 3*^$ the V0(aca) 2 is in the adduct form. (These calcula­
tions assume that the activity coefficient is equal to 1 .0 , which for 
these purposes is still valid.) Thus, it is still reasonable to as­
sume that the effects noted in region A are principly due to H-bonding.
Regions B and C need to be considered at the same time as 
the effect here in both cases seems to be that of coordination of 
methyl alcohol to the open sixth position of V0(aca)2. The behavior 
of band I is of interest. It seems that its intensity goes through a 
minimum somewhere between region B and C. The best explanation of this 
minimum lies in the study of the mutual reinforcement of the two bands. 
The position of the maxima of band I in benzene is 15*31 kK> an<* methyl
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alcohol, 13*03 kK. It would be expected that as coordination takes 
place, band I for benzene would be replaced with band I of methyl 
alcohol (or more properly, band I of each, as modified by H-bonding).
As band I of benzene decreases, and band I of methyl alcohol increases 
to a point where the two are about 5O-5O, the largest absorbance would 
be observed to be lower than for either band alone. These arguments 
would not suggest that the integrated intensity of both bands would be 
necessarily less, just the absorbance at the highest of the composite 
of the two bands. The distance between the two bands is 2.28 kK, which 
is slightly less than the approximate width at half height, and as 
such, very little reinforcement could be expected between the two 
bands. Observation of the spectra in about the 5”^5 mole percent re­
gion shows that band I has a red shoulder which can be assumed to be 
the emerging band I of methyl alcohol. An approximate equilibrium cal­
culation at I5 mole percent (ignoring the activity coefficient which is 
definitely not valid at h . 6 M concentration) indicates that the VO(aca) 2 
is now 70$ coordinated. This is in good agreement with the above 
arguments. Any correction made for the activity coefficient would have 
the effect of lowering the calculated percent of coordinated compound, 
and this would tend to strengthen the arguments presented here. Thus,
It seems that the minimum in absorbance can be assumed to be where the 
VO(aca) 2 is roughly 50$ coordinated. It can be observed that band I 
of H-bonded VO(aca) 2 has about the same absorbance as H-bonded VO(aca) 2 
coordinated with CH3OH (e.£., note the absorbance of band I at 2 . 5  and 
100 mole percent methyl alcohol).
77
The foregoing arguments have been further supported by the 
similar mixed solvent study involving benzene and ethyl alcohol. Band 
I of ethyl alcohol is of much lower intensity, and thus as it emerges 
it makes a smaller contribution; therefore the increase in band I in 
region C is not as great. No minimum whatsoever is observed in similar 
mixed solvent studies of benzene and n-propyl and isopropyl alcohol.
The frequency differences in the band I maxima values of benzene and the 
two alcohols are 2.0 and 1.9 kK, respectively. This lack of a minimum 
could be explained on the basis of the emerging band being closer and 
thus adding to the absorbance at the maximum almost as much as the dis­
appearing band removes. Also, the absorbance of band I of these alco­
hols is lower , and thus the emerging alcohol band I cannot make up for 
the loss in intensity due to the disappearing band I in benzene.
A similar minimum in the observed absorbance of band I was 
not noted in the mixed solvent study of ethyl alcohol and water. This 
can be explained by observing that the band maxima of band I in water 
and ethyl alcohol are only 0.68 kK apart. Thus, at all times, a compo­
site band maximum is observed made up of the contribution of band I of 
water and band I of ethyl alcohol. The composite formed is roughly a 
weighted average of the absorbances of the two bands.
5 . Discussion of Band II in Regions J3 and (3 _in the Methyl Alcohol 
Solvent Study.
Now in further consideration of Figure 8 , Band II is observed 
to decrease quite steeply in region B as compared to Band I, and to con­
tinue to decrease in region C, but with lower slope. There are at least
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two possible explanations for the decrease in absorbance observed for 
band II.
i. This decrease could be due to the chemical properties of the 
new adduct, which was discussed previously, and no further comments 
will be made at this time.
ii. One additional contribution to this apparent decrease in ab­
sorbance is due to the loss of reinforcement by the red-shifted band I.
The second reason given above warrants further comment. If 
Figures 3 and 10 are examined, the similarity between the composite curve 
of Figure 3 and the spectrum of V0(aca) 2 in 0.18 mole percent methyl 
alcohol can be seen. The combined width at half height of bands I and 
II, and the composite curves are about the same, at 4.8 kK. Now, if one 
curve of the composite curve were removed, a 16$ decrease in the apparent 
absorbance of the other would be observed. It is assumed that this is 
part of the observed decrease in the absorbance of band II, in going 
from H-bonded V0(aca) 2 to the H-bonded and coordinated V0(aca) 2 (2.5- 
100 mole percent methyl alcohol). There is still a significant decrease 
in the absorbance of band II that could be attributed to lowering of 
the allowedness of this absorption. The above estimate would indicate 
that a decrease of 0 . 0 6  absorbance units would be expected in the height 
of band II due to the significant red-shift of band I.
Probably more interesting, however, is the apparent shift in 
the position of the maximum of one curve as the other is removed, as 
can be seen by Figure 3 * Again, the number of approximations made in 
this discussion should not be minimized, but this estimate could account
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for a shift of 0.4 kK in the apparent position of the band without re­
sorting to a theoretical explanation. The total apparent shift in the 
position of the maximum of band II is about O . 5 kK, due to changing the 
solvent from benzene to methyl alcohol. Now if the discussion of the 
possible error of reading the position of the band maxima is recalled, 
the question may be asked, does band II move at all as a function of 
solvents?
Since the positions of bands I and II are considered to be
quite significant, and specifically, the position of band II is thought
to be indicative of the crystal field splitting energy (10 Dq, or A) it
seems useful to further investigate the problems involved in obtaining
the position of the true band maximum that might arise from reinforce-
(15)ment of band II by other absorption bands. Selbin and Ortolano 
generally observed that for V0(aca)2 in a polar solvent, as band I red-
shifted, band II blue-shifted. This observation was consistent with
the band assignments according to the BG energy level scheme, as dis­
cussed previously. It has already been pointed out that at least a 
small apparent blue-shift in band II would be expected as a result of 
the large red-shift of band I.
The position of band II might also be expected to be modified
by band III and the charge transfer band. This point can best be dis­
cussed by using specific data given by Boucher, Tynan and Yen^*^ These 
authors studied a series of {3-ketimimes of oxovanadium(iv) complexes.
All of the data for the various complexes was found to be similar, so 
this discussion will be specifically that for the data of bis(acetyl- 
acetone)ethylenediimine oxovanadium(lV) [VO(acen)], which is summarized 
by Figure 11.
FIGURE 11: Spectra of VO(acen) in Tetrahydrofuran and Ethyl Alcohol.^^
Solvent Effect Data for VO(acen) in Six Solvents.
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VISIBLE ABSORPTION MAXIMA FOR VO(acen) IN VARIOUS SOLVENTS3
Solvent Band II Band III
Toluene ~l6.5^ 17-7 1-2
Tetrahydrofuran ~l6.5 17*7 1*2
Pyridine 16*3 18.0 1.7
Chloroform 16.1 18.2 1.9
Ethyl Alcohol 16.1 18.2 2.1
a. Values in kK.
b. Shoulder.
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The authors observed that band II (d -* d 2 2 &  16.1 kK),' xy x^-y^ ' ’
and band III (d -* d 2 18.2 kK) were insensitive to solvent effects.
' xy z '
The following arguments will tend to indicate that the real absorption 
bands may be even less sensitive than that indicated by the apparent 
band position. In order to roughly approximate the spectrum of VO(acen) 
in ethyl alcohol, two Gaussian curves (the one meant to represent band 
III is 1.1 times taller than the curve meant to represent band II) were 
placed such that the difference in the position on the resolved curves 
were 2.4 kK apart, Figure 12. Comparing Figure 11 and Figure 12, it 
can be seen that the spectra of VO(acen) in ethyl alcohol and the com­
posite curves are similar. The width at half height for both is 4.5“
5*0 kK. The ^  of the resolved curves would be 2.4, and D-j-j-j ^
of the composite curve is 2.1. Curve "II" is shifted in the composite 
by 0.2 kK and curve "III" is also shifted about 0 . 3  kK. From this, it 
is tempting to assume that the real position of band II in Figure 11 is 
I5 . 9  kK and that the real position of band III is 18.4 kK.
If a new composite is made where curve "III" is shifted to­
ward curve "II" by 0.2 kK, ^  of the unresolved curves is now 1.4,
due to an apparent shift of about 0 . 3  kK for both curves "II" and "III".
By plotting the D TT of the resolved and unresolved curves in a man-
XXX y XX
ner similar to Figure 4, it is predicted that the ^  of the resolved
curves would be 2.1, where the Djjj ^  unreso -^ved curves was 1.1.
Thus, if these basic assumptions are valid, the entire change in the 
spectrum of VO(acen) observed by changing the solvent from ethyl alcohol 
to toluene could be explained by a simple red-shift in band III of 0*3 kK,
FIGURE 12: Two Curves, "II" and "III", and their Composite Meant to
Represent the Composite of Band II and Band III of VO(acen) 
in Ethyl Alcohol. Width at Half Height of Each Curve is 
2.4 kK.
Composite curve ---------
Individual curves ---------
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for a real change of (Dm  n  res°l-ved bands) of 2 .1-1 .8 , not
the 2.1 to 1.2 as observed. These arguments cannot safely say that a 
combined shift of 0 . 5  kK has not taken place; however, it is safe to say 
that band II has not made the major contribution to the decrease in the 
distance between the resolved bands, or else the apparent shift of band 
II would have been greater. These arguments, valid at least in prin­
ciple, are simply made in order to indicate that the apparent shift in 
the position of band II may be due to reinforcements of other absorp­
tion bands near it, minimizing the need for theoretical explanations.
(19)The authors' ' observed values for pyridine and
chloroform to be 1.7 and 1.9> respectively. They indicated that since 
the Djjj jj value of chloroform was 1 .9 > and because it was closer to 
the value of ethyl alcohol (2 .1) than the Djjj ^  value of pyridine, 
the H-bonding of chloroform had a larger affect on than did the
coordinating ability of pyridine. This author wishes to point out that 
the arguments presented here strongly suggest that the D j-j-j -j-j- values 
of 1.7 and 1.9 are essentially the same. A plot of the ^  of
resolved curves versus unresolved curves shows that the Djjj values 
of chloroform and pyridine of resolved bands could be expected to be 
2.5 ± 0.02. Thus, the conclusion that the H-bonding of chloroform has 
a greater effect of ^  than does the coordination of pyridine seems
suspect.
Of course, two factors may minimize much of what has been said. 
First, the authors may have taken adequate precautions in ascertaining 
the position of the band maxima, which were, however, not mentioned in
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Since the D values are so small (about the width at half
\—  X i. , 1.
height o f  the bands in  q u e s t io n ) , i t  seems reasonable to suppose that  
band I I  for a l l  o f  th ese  so lv en ts  i s  more en erg e t ic  than in d icated  by 
i t s  apparent p o s i t io n .  This tends to  suggest th at the lower l im it  of  
the p o s i t io n  o f the maximum of band I I  in the l e s s  polar so lv en ts  would 
be about 17-^0 kK. One further  comment which should be made i s  that  
the minimum between bands I and I I  o f  th ese  e ig h t  so lv en ts  i s  never  
more than 10$ lower than the maxima. This would further  in d ic a te  the  
p o s s i b i l i t y  o f  large  d iscrep a n c ies  between the true and apparent maxima 
p o s i t i o n s .
Band I I  for  formic acid i s  worthy o f s p e c ia l  comment. This
band for  V 0(aca)2 appears at the lowest energy o f  a l l  o f  the so lv en ts
l i s t e d .  Since band I i s  found kK away, i t  would seem that r e in ­
forcement could not exp la in  the low energy o f t h i s  band. However, the  
low value for the p o s i t io n  o f the band I I  maximum may s t i l l  be due in  
part to the reinforcement o f  band I ,  due to  the face  that band I in  
t h i s  case seems to  be unusually  wide ( ^ . 6  kK at h a l f  h e ig h t ) .
p-Dioxane i s  given in  Table I as the so lv en t  which produces
the most en erg e t ic  band I I ;  however, observation  o f  the spectrum of  
V0(aca)2 in p-dioxane shows that band I I  i s  ju s t  a shoulder on band I I I  
and the charge tra n s fe r  band. No minimum appears at a l l  between band 
I I  and the more en erg e t ic  absorption bands, and thus a large  blue s h i f t  
from the true p o s i t io n  o f band I I  could be expected . Again, i t  should 
be pointed out th at an error o f 10 m|i would r e s u l t  in an error o f 0 . y ix 
Even in w ater, which i s  the most polar o f  the so lv en ts  s tu d ied ,  band II
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is of low absorption and broad. A band of low absorption would be the 
most affected by other absorption bands near it, and the broadness 
would also make it difficult to ascertain the positions of the maxima. 
Maybe even band II in water is less energetic than supposed.
Selbin and Ortolano^-^ observed that band II is relatively 
insensitive to solvent effects. Based on the foregoing qualitative and 
semi-quantitative arguments, this author feels that band II is possibly 
even less sensitive to solvent effects than thought previously; and he 
definitely feels that before further theoretical arguments are based 
on the position of the maximum of band II, further effort should be 
made to ascertain the true position of the band maximum.
As noted before, the graphical model could explain an inten­
sity decrease of band II by 16$ in Figure 8. At the point where the 
methyl alcohol in benzene is 0.18 mole percent, the absorbance of band 
II is O.3 6 . Now if one subtracts the 16$ which may be due to reinforce­
ment of band I, the true absorbance of band II could be estimated to be 
about O.3 . The lowering of absorbance of band II from 0 . 3  to 0.2 in 
the range from 0 . 1 8  to 100 mole percent methyl alcohol may indeed be 
better spectral evidence of coordination than is the position of the 
band maxima.
An absorbance increase in band I seems to occur between the H- 
bonded V0(aca) 2 to the H-bonded and coordinated V0(aca) 2 (0.18 and 100 
mole percent methyl alcohol) of about O.O3 . Most likely, it would be 
best to assume that this simply represents experimental error or in­
ability to ascertain the position on Figure 8 which corresponds to H- 
bonded, but uncoordinated, V0(aca)2.
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Possibly all of the alcohol-benzene mixed solvent studies can 
be assumed to indicate some factor which tends to increase the absorp­
tion of band I as the alcohol concentration increases. Previously, it 
was argued that H-bonding and coordination could be expected to raise 
the symmetry of the VO(aca) 2 molecule, and thus lower the intensity of 
the absorption bands. It is observed that the intensity of band I does 
not decrease as fast as band II. It could be argued that this lack of 
decrease could be due to some other factor, such as that discussed below.
However, i f  an in t e n s i t y  in crease  o f  band I occurs in the 0 .1 8  
to  100 mole percent r eg io n , there seems to be a reasonable explanation  
for i t .  A study by Hammond and Modie on e le c tr o n ic  t r a n s i t io n s  in  
nitrobenzene seems p er tin en t here. In one t r a n s i t io n ,  a prominent con­
tr ib u t io n  to the ex c ited  s t a t e  was made by a s tru ctu re  in which n egative  
charge was d isp laced  from the aromatic r ing  to the n i t r o  group. This 
ex c ited  s t a t e  was b e liev ed  to  be s t a b i l i z e d  in H2S04 s o lu t io n  by H- 
bonding, which gave r i s e  to  the observed in t e n s i t y  in crease  o f  about 
10£ in 12 M s u l fu r ic  acid in  water as compared to  in e r t  so lv e n ts .
Now, if the trifurcated bond model can be accepted, it can be 
imagined that the hydrogen atom attached to the oxygen of methyl alcohol 
would be centered between three oxygen atoms (one vanadyl oxygen and two 
ligand oxygens); this would put positive charge in the area of the vana­
dium d^^ and d orbitals, giving rise to a small increase in intensity
of band I by stabilization of the excited state similar to that observed
by Hammond and Modie. The amount of increase in absorbance of band I
is of the same order of magnitude as that reported by these authors.
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This point is weakened, however, by the fact that band I with
pyridine (as the sixth ligand) is about the same intensity as that of
band I with methyl alcohol, O.jjh and 0.349, respectively (O.83O mM).
It could be reasoned that the high absorbance of band I in pyridine may
be due to other causes. One speculative possibility exists, that the
high intensity of band I is due to introducing p-character into d and
xz
d orbitals of vanadium by interaction of these orbitals with the p- 
yz r
orbitals of pyridine.
C. Benzene-Acetonitrile and Benzene-Acetic Acid Mixed Solvent Studies.
Further experimental work seemed to yield some additional 
evidence for H-bonding and its effect on the spectra of V0(aca)2. The 
data for the benzene and methyl alcohol mixed solvent study indicated 
that H-bonding would be expected to greatly lower the intensify' of both 
bands (band II the most) and coordination would be expected mainly to 
lower the intensity of band II with very little change in the intensity
of band I, with a change in the position of the band maxima.
In order to test these postulates, V0(aca) 2 was first reacted 
with dry hydrogen chloride in benzene. Hydrogen chloride in benzene 
was assumed to be strongly H-bonding and a very poor coordinator. These 
experiments yielded a different spectrum each time they were run. It 
was assumed that hydrogen chloride caused decomposition of the complex 
and so this study was discontinued. Glacial acetic acid was then used 
and also assumed to be a solvent that would H-bond with a minimum of 
coordination. Acetonitrile was used and assumed to not H-bond, but to
coordinate weakly. Figures 13 and 14 summarize the data concerning these
mixed solvents studies.
FIGURE 13: Absorbance o f Bands I and II  in  O.83O mM VO(aca)2 .P lo tted
versus Mole Percent o f  A cetic  Acid in Benzene.
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FIGURE 14: Absorbance of Band I and II of O.83O mM V0 (aca) 2 Plotted
versus the Mole Percent of Acetonitrile in Benzene.
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These data could be interpreted to indicate that the above 
postulates concerning the effect of H-bonding and coordination on the 
spectra of VO(aca) 2 are valid. Figure 15 shows the absorbance of bands 
I and II plotted versus the mole percent of acetic acid in benzene.
The general shape of the curve resembles similar plots of the alcohols 
In benzene. The large decrease in intensity of the bands in the 1-2 
mole percent region lends support to the idea that this is an H-bonding 
effect in similar regions in the alcohol studies. Acetic acid would be 
expected to coordinate only weakly and not affect the spectrum by this 
means at low concentration.
Band I behaves much the same in this study as it did in methyl 
alcohol with no large change in the intensity in the 2 -1 0 0 mole percent 
region. The behavior of band II, however, does not seem to fit previous 
conclusions. It was assumed that the decrease in band II in the 2.5-100 
mole percent region of methyl alcohol in benzene was due to coordina­
tion. Thus, it seems reasonable to assume that acetic acid does co­
ordinate at high concentration.
Figure llj. shows the absorption of bands I and II plotted 
versus the mole percent of acetonitrile in benzene. No large decrease 
in the absorptions of bands I and II is observed in the region of low 
percent acetonitrile similar to that observed with the alcohols and 
acetic acid. It thus seems safe to assume that this large effect was 
due to the H-bonding properties of those oxo solvents.
A slow decrease in the intensity of band II is noted with 
the addition of acetonitrile to benzene, much like that observed in the
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region of 0.18-100 mole percent methyl alcohol in benzene. This de­
crease in the intensity of band II was interpreted to be due to the 
coordination of methyl alcohol. The similarity of these data supports 
the hypothesis very satisfactorily. The intensity of band I of H- 
bonded VO(aca) 2 coordinated and uncoordinated with methyl alcohol is 
about the same. This also seems to agree with the fact that the in­
tensity of band I does not change with coordination only in the mixed 
solvent study of acetonitrile and benzene.
Nuclear Magnetic Resonance Spectra.
All of the arguments presented so far seem to be consistent 
with the postulate that H-bonding does take place between V0(aca) 2 
and H-bonding solvents. H-bonding seems to affect the intensity of 
both bands I and II. The papers cited in the introduction seem to sug­
gest the possibility of H-bonding to various oxygen atoms multiply 
bonded to metal ions. Further, other references seem to specifically 
indicate that H-bonding can take place to oxygen of the vanadyl ion.
It seemed important to attempt to unambiguously identify H-bonding to
V0(aca) 2 to support these suppositions.
(10)
Pimentel and McClellan suggest various methods that can 
be used to identify H-bonding, two of which were used in this investi­
gation. The authors indicated that these procedures are accepted as 
valid evidence of H-bonding. H-bonding is identified by its effect on 
the H-bonding solvents. These effects can then be observed by NMR and 
IR analysis. H-bonding could be expected to increase solubility of 
solutes in solution, and this experimental technique was also employed.
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The method using NMR will be discussed first. H-bonding of 
an alcohol can be identified ' by the positions of the signal for the 
hydroxyl proton. The position of the signal for the hydroxyl proton 
changes as the concentration of an alcohol in benzene increases. At 
higher concentrations the alcohol molecules are closer together, and 
thus more H-bonding can take place. This increase in the number of H- 
bonded alcohol molecules can be observed by the position of the signal 
of the hydroxyl proton measured in 6 . Table III shows the dependence 
of 6 on the concentration of methyl alcohol in benzene. The 6 value at 
any methyl alcohol concentration can be modified by adding another 
solute which will form a stronger H-bond. Table III shows how 6 varies 
with addition of various inorganic complexes. At 1$ methyl alcohol, 
the complex to methyl alcohol mole ratio is 1 :5, at 2$ 1 :10, at 3$ 1 :1 5 *
V0(aca) 2 will be considered first. The 6 value of 1$ methyl 
alcohol is 0.42, and a notable increase is observed in 1 ‘jo methyl alcohol 
with V0(aca) 2 (mole ratio 1:5) added, where the 6 value is then observed 
to be I.6 5 . Now increasing the percentage of methyl alcohol to 2$ (mole 
ratio 1:10) shows a slight increase in 6 to I.6 9 . It would be tempting 
to conclude that the H-bonding capacity of V0(aca) 2 is nearly saturated 
in the 1$ methyl alcohol solution and further addition to 2$ solution 
only makes a small increase in fi. In the 3$ solution [V0(aca) 2 to 
methyl alcohol mole ratio 1:1 5], the 6 value is the same with or with­
out added V0(aca)2. This can be interpreted to mean that the complex 
concentration is so low that it has little effect on the more concen­
trated methyl alcohol.
TABLE III
POSITION OF THE NMR SIGNAL (5) OF THE HYDROXYL PROTON OF 
METHYL ALCOHOL IN VARIOUS CONCENTRATIONS (VOLUME PERCENT) 
IN BENZENE AND WITH INORGANIC COMPLEXES (0.041 M) .
11o 2$ 3#
No complex 0.42 1.08 1 .6 5
VO(aca) 2 I .6 5 1 . 6 9 1 .6 5
Mo02 (aca) 2 I .6 5 1 . 9 2 2 . 1 9
Th(aca) 4 1 . 0 1 1.40 1 .8 0
Al(aca) 3 0 . 6 2 1.18 ■ 1 . 6 8
Be(aca) 2 O.5O ---
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To ascertain the position of the hydroxyl proton of methyl 
alcohol is quite difficult in VO(aca) 2 due to the large magnetic effect 
of the lone electron of the vanadyl ion. However, it seems reasonable 
to assume that the data is good enough to state that the presence of 
VO(aca)2 has had a significant effect on the hydroxyl proton, which is 
most clearly seen at the 1$ methyl alcohol solution (1 : 5 mole ratio).
The question that could be asked next is whether this effect is due to 
H-bonding or to coordination to the open sixth position of VO(aca)2.
Consideration of the data for methyl alcohol and Mo02 (aca) 2 
seems to answer this question; Mo0 2(aca) 2 does not have an open sixth 
position. Thus, the observed effect could be expected to be due to H- 
bonding rather than coordination. It can be seen that the effect of 
Mo0 2 (aca)2 , since greater interaction is noted, seems to indicate that 
the effect of VO(aca) 2 on methyl alcohol could be explained on the 
basis of H-bonding. Interaction of Mo02 (aca) 2 with methyl alcohol is 
noted even in the 3$ alcohol solution, which indicates even greater 
capacity to H-bond than VO(aca)2.
How can Mo02(aca) 2 have a greater effect on methyl alcohol 
than VO(aca)2? It should also be noted that the signal for the hydroxyl 
proton is quite broad. These observations make it useful to further 
consider the possibility of a trifurcated bond. If a trifurcated bond 
takes place in the H-bonding of VO(aca) 2 only one type of surface 
would be possible. There would be four triangular surfaces made up of 
two ligand oxygens and one vanadyl oxygen to which a H-bond can attach. 
In Mo02 (aca)2, the two oxo ligands are cis to each o t h e r which
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would lead to three types of triangular surfaces where the H-bond could 
attach. There would be two surfaces with two molybdenyl oxygens and 
one ligand oxygen, there would be four surfaces with one molybdenyl 
oxygen and two ligand oxygens and two surfaces with three ligand oxy­
gens. This gives twice as many triangular surfaces with which an H- 
bond can attach. The molybdenyl oxygens also could be expected to be 
more highly negative and less sterically hindered than the ligand oxy­
gens. Thus, it seems reasonable to expect increased H-bonding with 
Mo02(aca)2 over V0(aca)2 , which is observed in the position of the 
signal of the hydroxyl proton in 1, 2, and 3$ methyl alcohol. The 
broadness of the signal for the hydroxyl proton when interacting with 
Mo02(aca)2 seems to suggest that the H-bonding is taking place to three 
types of surfaces.
It should be noted that all of the 0.13 g needed to make a
0.041 M solution of Mo02(aca)2 , were not soluble in 10 ml of benzene. 
However, even though the molar concentration of Mo02(aca)2 was the 
least of the inorganic complexes tested, the interaction was the great­
est. This further indicates that the Mo02(aca)2 has the greatest inter­
action with the H-bonding solvent. This limits strict mathematical 
comparisons of Mo02(aca)2 with the other complexes. However, that 
Mo02(aca)2 has the greatest effect on methyl alcohol seems unambiguous.
Similar studies were carried out on Mo02(aca)2 in acetonitrile. 
Only minor effects could be noted by the addition of Mo02(aca)2 to 
methyl alcohol. The 6 values of 1, 2, and 3$ methyl alcohol in aceto­
nitrile are 2.20, 2.26, and 2 .3O, respectively. The values with Mo02 (aca) 2
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added were found to be 2 .3O, 2.35, an(i 2.35 > respectively. These data 
indicate a small effect by adding more methyl alcohol to the solution 
of acetonitrile and an even smaller effect by adding Mo02(aca)2* The 
solubility goes up as the concentration of methyl alcohol increases. 
Since the dielectric constants are nearly the same for these solvents, 
and since coordination to Mo02(aca) 2 is less unlikely, H-bonding with 
methyl alcohol seems to be the best explanation of the increased 
solubility.
An increase in the solubility of Mo02(aca) 2 in methylene 
chloride was also observed with increasing methyl alcohol concentration. 
The sharp distinct signals in the NMR spectra of the acetylacetonate 
protons became broad and less distinct upon adding methyl alcohol, 
which, of course, further indicates the interaction is taking place 
between the complex and the alcohol. This interaction was also demon­
strated by the positions of the signals of the hydroxyl protons at 
1 .2 6 , l.i+8 and 1 . 7 3 6 for the 1 , 2 and 3$ methyl alcohol, respectively; 
whereas the values for the 1 , 2 and 3$ methyl alcohol solutions having 
Mo02 (aca) 2 present were found to be 2 .1 0 , 2 . 1 1 and 2 .1 2 , respectively. 
The smaller effect on 6 of the hydroxyl proton due to adding more 
alcohol or Mo02(aca) 2 in methylene chloride shows that both the alcohol 
and the Mo02 (aca) 2 interact with the H-bonding solvent.
In summary, the NMR evidence indicates that there is an inter­
action between Mo02 (aca) 2 and methyl alcohol even though Mo02(aca) 2 
has no open sixth position. The last question of interest is then, 
does the H-bonding take place to the multiple bonded oxygens (vanadyl,
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molybdenyl), or to the ligand oxygens? This question seems to be 
answered by similar NMR studies which were carried out on Th(aca)4, 
Al(aca) 3 and Be(aca)2. Table III indicates that of these three com­
plexes the 6 value in 1$ solution at the same mole ratio seems to re­
flect the number of acetylacetonato groups around the metal [Th(aca)4,
6 = 1.01; Al(aca) 3 6 “ 0.62; Be(aca) 2 6 = O.5O]. Comparing the 6 
values of 1$ methyl alcohol solutions of V0(aca)2, Mo02(aca) 2 and 
Al(aca)3> it seems that the effect on the alcohol is greatest with the 
multiple bonded oxygens rather than with the ligand oxygens. These
/ 2Q A
data are consistent with the work of Fackler where H-bonding was 
believed to exist with the hydrogen atom attacking to the acetylaceto- 
nate oxygens. However, these NMR data indicate that the multiple 
bonded oxygens (in vanadyl and molybdenyl) interact more strongly than 
do the ligand, oxygens.
E. Infrared Spectra.
Infrared analysis is a standard method used to identify H- 
bonding.^^ The absorption of the C-H or 0-H stretching frequency
band is observed to increase with H-bonding. The position of the ab­
sorption maxima also shift, but in general this is considered to be an 
undependable criterion of H-bonding. No such shift was observed in 
this work.
The absorption of 0-H stretching frequency of the 0.751° ethyl 
alcohol in chloroform was observed to increase by the addition of the 
previously discussed inorganic complexes. The same effect was observed 
with methyl alcohol in benzene. However, the most significant infrared 
study was made on the H-bonding of chloroform to the inorganic complexes
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Chloroform was chosen because it is known to H-bond with a 
variety of compounds. If some interaction could be identified between 
the inorganic complexes and chloroform, it could be safely assumed that 
it was H-bonding rather than coordination. An increase in the stretch­
ing frequency of an alcohol may be, at least partially, explained by co­
ordination. Thus, an interaction between chloroform and V0(aca) 2 
should be strong evidence for H-bonding without fear that the effects 
of coordination are interferring. The absorption of the C-H stretch­
ing vibration of chloroform may be masked by the C-H stretches of the 
methyl groups on the acetylacetonate ligand. Therefore, chloroform-d 
was used to eliminate this problem. The C-D stretching frequency is 
at 2285 cm-1, substantially removed from the C-H stretching frequency, 
and it would seem that any conclusions that can be reached concerning 
the H-bonding properties of chloroform-d could be readily applied to 
normal chloroform.
In an attempt to relate the effect that the complexes have 
on the chloroform-d as they H-bond, the absorbance of the C-D stretch­
ing frequency was observed with and without the presence of the com­
plexes. The absorbance of the pure chloroform-d was subtracted from 
the absorbance observed in the presence of the complex. The absorbance 
obtained in this manner (a^), was assumed to be that due to H-bonding.
Then, by the relationship given below, e„ can be obtained.
n
" •Bb0H
where A^ = absorbance due to H-bonding
eg = effective molar absorbtivity of the 
complex due to H-bonding
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b = cell length in cm 
C = concentration of the H-bonding complex.li
It was hoped the C value would show the relative H-bonding ability of
£1
the complexes in question. Values of e„ for the complexes ran from
n
2 3 ./Mem to 270/Mcm. The four values obtained for V0(aca)2 were found 
to be 6 0 , 8 6 , 9 2 , and 118/Mcm.
The greatest divergence was observed as expected, where values 
were obtained with low concentration of the complex in question. The 
values that were observed for the four attempts with V0(aca) 2 were
0.0IT, 0.027, O.O38 and 0.069* The absorbance of the stretching fre­
quency of pure chloroform-d was found to differ by 0 . 0 0 9  from, one deter­
mination to the next. Thus, it seems in general that the experimental 
error could adequately explain the inability to reproduce the e„ values, 
or give the expected ranking for the ability of the complexes to take 
part in H-bonding. At no time did the addition of the complex yield the 
same or less absorbance than that of the pure chloroform-d. Thus, it 
seems unambiguous, at least to this author, that H-bonding between the 
complexes and chloroform has been demonstrated.
Two runs with Cu(aca)2 *H20 yielded an average value for of 
49/Mcm which seems to indicate that this complex can also accept an H- 
bond. The data does not allow speculation concerning where the chloroform- 
d molecule attaches. Further discussion concerning the meaning of the 
numbers obtained for Cu(aca)2 *H20 and the other complexes seems unwar­
ranted.
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F. Solubilities Studies.
A number of the references mentioned previously have suggested 
that H-bonding can be observed by its effect on solubility. This was 
attempted and again good evidence for the ability of the complexes to 
form H-bonds seems to have been obtained. The solubility in five 
selected solvents was studied; these solvents were carbon tetrachloride, 
methylene chloride, chloroform, acetonitrile and benzene.
The series of carbon tetrachloride, methylene chloride and 
chloroform was chosen to represent compounds of increasing H-bonding 
ability. Acetonitrile was chosen because of its high dielectric con­
stant, making it possible to estimate dielectric effects. The fifth 
solvent, benzene, was added as a reference since it was used in many 
other solvent studies. Table IV shows the data obtained in this study.
There are three possible sources of error. First, the com­
plexes were allowed to dissolve for at least three hours with occasional 
shaking, but no tests were run over a longer period of time, to ascer­
tain if a true solute-solution equilibrium had been obtained. Secondly, 
in the step where the solvent is evaporated from the solute there is a 
danger that the solid has trapped some of the solvent. This was evi­
dent in the determination of the solubility of Th(aca) 4 and Al(aca)4. 
These complexes formed a noncrystalline precipitate. For the complexes 
yielding crystalling precipitates [V0(aca) 2 and Cu(aca)2 *H20] the re­
sults were observed to be more consistant after a short heating. The 
third problem that would weaken any conclusion obtained here is that of 
sublimation. It may T>e that in the process of evaporating the solvent,
TABLE IV
SOLUBILITY OF VO(aca)2 AND OTHER INORGANIC COMPLEXES 
IN FIVE SELECTED ORGANIC SOLVENTS IN GRAMS PER MILLILITER
CC14 CH2CI2 CHCI3 ch3cn c6h6
VO(aca) 2 >0 . 0 0 0 5 0.0644 0 . 0 9 6 9 0.0140 0 . 0 0 5 8
Mo02 (aca) 2 O.OO56 0 .0 1 0 5 0 .0 1 7 5 0 . 0 0 7 6
Th(aca) 4 0.0789 0 . 0 9 2 1 0.1674 0 .1 0 8 1 0 . 0 7 0 8
Al(aca) 3 0.0758 0 .1 0 1 1 0 . 2 0 5 9 0 . 0 7 0 6 0 . 1 6 5 5
Cu(aca)2’HsP 0 . 0 0 0 9 0 . 0 2 5 5 0 . 0 5 9 1 0 . 0 0 0 5 0 . 0 0 0 1
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some part of the complexes may have sublimed. This was not checked. 
Thus, the data given in Table IV should be taken with some caution, 
particularly that for Th(aca) 4 and Al(aca)3 .
The solubility of V0(aca) 2 in carbon tetrachloride and in 
chloroform, 0.0005 and O.O969 g/ml, respectively, indicates that an 
interaction is taking place between the chloroform and V0(aca)2. The 
solubility in methylene chloride is intermediate between the solubi­
lity in carbon tetrachloride and chloroform as could be expected. The 
solubility is not linear with dielectric constants 2 .2 , 4.8 and $.1 for 
carbon tetrachloride, methylene chloride and chloroform, respectively. 
Thus, one can assume that this is not purely a dielectric effect. This 
is further emphasized by the lower solubility in acdtonitrile, 0.014 
g/ml, where the dielectric constant is a high J>8.8. Coordination seems 
unlikely with chloroform; thus, it seems reasonable to assume that 
these data lend further evidence to the existence of H-bonding between 
chloroform and V0(aca)2.
The same trend, but much less emphasized, seems to exist for 
the solubility of Mo0 2 (aca) 2 in carbon tetrachloride, methylene chlo­
ride and chloroform, O.OO5 6 , 0.0103 and 0.0175 g/m l» respectivelyc 
Previous NMR evidence seems to indicate that Mo02 (aca) 2 should H-bond 
more strongly. Thus, a greater relative solubility may have been ex­
pected in chloroform. The theory concerning solubility is of such 
complexity that no special concern over this point seems necessary.
Th(aca) 4 and Al(aca) 3 show an increase in solubility in the 
H-bonding solvent chloroform. The compounds are two or three times 
more soluble in chloroform than in carbon tetrachloride. In neither
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case does the high dielectric constant of acetonitrile seem to increase 
the solubility. The data for Cu(aca)2 #H£0 also seems to show clear 
evidence for H-bonding, which is indicated by its higher solubility 
in methylene chloride and chloroform as compared to the solubility in 
carbon tetrachloride. This data was used to predict H-bonding to 
Cu(aca)2 *H2 0 , which was later confirmed by the use of infrared analy­
sis. NMR studies proved unfruitful due to the magnetic effects on the 
spectra arising from the d9 system of the copper(ll) ion.
The solubility data seems, in general, to lend further sup­
port to the hypothesis that H-bonding does take place between chloro­
form and V0(aca) 2 and between chloroform and the other inorganic com­
plexes. It would be unwise to say much more, however, about the rela- 
tive H-bonding strength of these complexes based on the solubility 
data. It should be pointed out that the increased solubility is not 
totally due to the H-bonding ability of the chloroform, as the solubi­
lity of the complexes was found to be, in general, greater in aceto­
nitrile than in carbon tetrachloride; however, significantly less so 
than in chloroform.
SUGGESTIONS FOR FURTHER WORK
A. The arguments brought forward in the Discussion emphasize the prob­
lems involved with ascertaining the position of a band maxima and 
the height of a band, due to the problems that arise from rein­
forcement of neighboring absorption bands. It seems clear that 
further solvent effect studies would be greatly aided by the rou­
tine procedure for calculating the "true" position, shape and size 
of an absorption band. Three points should receive careful study 
when these calculations are made.
1. A new parameter similar to RA, probably based on the integrated 
intensities of bands I and II, should be investigated.
2. The true shift in the position of the maxima of band II as a 
function of the effect of solvents should be carefully observed.
B. Two additional mixed solvent studies should be made in the optical 
region of the spectrum, these being benzene-pyridine and benzene- 
chloroform mixed solvent studies. These studies should lend infor­
mation about the relative dependence of the parameters RA and D
II | I
on H-bonding and coordination of the solvents to VO(aca)2.
(12)C. Selbin, Manning and Cessac' ' observed the stretching frequency of 
the vanadyl oxygen-vanadium bond \J(V-0) as a function of various 
coordinating solvents which were added to chloroform solutions of 
VO(aca)2. Since there is a clear possibility of H-bonding between 
chloroform and the coordinating solvents, it seems of interest to 
make a similar study of 'v(V-O) where a non-H-bonding solvent such 
as benzene were used in place of chloroform.
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